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THE following paper contains: I. A brief historical review of 
the work published up to the present time upon hydronitric acid 
and the inorganic trinitrides; II. An experimental study of 
(A) the method of W. Wislicenus for preparing hydronitric acid, 
(B) the composition of certain inorganic trinitrides, (C) a method 
for the detection of hydronitric acid and inorganic trinitrides, and 
(D) the reaction between hydronitric acid and potassium per- 
manganate in the presence of sulphuric acid. 


I. HISTORICAL. 


Under this head will be considered (1) the methods of pre- 


paring hydronitric acid, (2) the inorganic compounds of hydro- 
nitric acid and the methods of preparing them, and (3) the 
properties and reactions of hydronitric acid and the inorganic 
trinitrides. The organic derivatives will be considered in the 
present work only in so far as they are of interest in the prepara- 
tion of the acid. 

At the outset it may be well to discuss the question of nomen- 
clature. A variety of names for the acid and its derivatives have 
been used by English and American investigators and writers. 
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The name azoimide has, perhaps, been most frequently used to 
designate the acid. This has the disadvantage of neither ex- 
pressing the acid character of the compound, nor indicating its 
close analogy to the halogen hydracids. Among other names 
which have been used are hydrazoic acid,’ triazoic acid? (deriva- 
dives called respectively azides and triazoates), hydronitrous acid, 
hydrogen nitride,* and nitrogen hydride.® 

In the publications from this laboratory the term hydronitric 
acid has been employed for the following reasons: 

In English usage the prefix “hydro” connotes the absence of 
oxygen, and acids bearing this prefix have also the termination 
“ic.” The name employed is derived from nitrogen instead of 
azote, for the reason that while both are of Greek origin, nitrogen 
is distinctly a word of English usage, while azote is still to be 
regarded as a foreign word that has not yet received adoption 
into our language. Following the analogy between the term 
hydronitric acid and the names of the halogen acids, such as 
hydrochloric acid, the salts of hydronitric acid would nor- 
mally be termed nitrides, but a distinct group of nitrides, of which 
potassium nitride, K,N, may be cited as an example, has long 
been known. Consequently the term “trinitride” was adopted to 
distinguish the salts of hydronitric acid from this other group 
of nitrides, and the termination “ide” is employed to show that 
the compounds contain no oxygen. In further recognition of 
the analogy between the trinitrides and halides, it is suggested 
that the ring of three nitrogen atoms be called the nitrine group 
and that the hypothetical compound, (N;),, analogous to the 
chlorine, bromine or iodine molecule, be called nitrine. 

(1) METHODS FOR PREPARING HYDRONITRIC ACID. 


The methods employed by various investigators in the prep- 
aration of hydronitric acid may be classified under five heads: 

(a) Methods involving the action of a compound containing 
a chain of two nitrogen atoms united to positive atoms or radicals 
upon a compound containing a single nitrogen atom united to 
negative atoms or radicals. 


1 J. Chem. Soc. (London), 77, 705. 

2 H.C. Jones: ‘‘Principles of Inorganic Chemistry,” p. 208. The Macmillan Company, 
New York, 1903. 

3 “ Principles of Chemistry,”’ Vol. I, Mendeléeff. 2nd English edition by Kamensky 
and Lawson, p. 265. Longmans, Green and Company, London, 1897. 

4 J. Chem. Soc. (london), 60, I. 56, 524. 

5 Jétd., 60, I, 394. 
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(b) Methods involving the action of a compound containing 
a chain of two nitrogen atoms united to negative atoms or radi- 
cals, upon a compound containing a single nitrogen atom united 
to positive atoms or radicals. 

(c) Methods involving the simultaneous oxidation of two com- 
pounds, one of which contains a chain of two nitrogen atoms, 
the other a single nitrogen atom, and both of which are united 
to positive atoms. 

(d) Methods involving the decomposition of a compound con- 
taining a chain of three or more nitrogen atoms. 

(e) Methods involving the hydrolysis of aromatic derivatives 
of hydronitric acid. 

A possible new class of methods, which has received as yet 
no experimental attention, is the converse of (c). This class 
will include methods involving simultaneous reduction of two 
compounds, one of which contains a chain of two nitrogen atoms, 
the other a single nitrogen atom, and both of which are united to 
negative atoms. 

(a) The reactions involved in the methods under this head 
may, in their simplest form, be expressed by the typical equation 


NH,.NH, + NO,H = HN, + 2H,0. 


The now classical experiments which led Curtius,? in 1890, to 
the discovery of hydronitric acid consisted in the preparation of 
benzoyltrinitride by the action of nitrous acid upon benzoylhy- 
drazine. 

By saponifying the benzoyltrinitride with sodium hydroxide 
he obtained sodium trinitride from which he was able to prepare 
free hydronitric acid by distillation with sulphuric acid. 

Subsequently he used, instead of sodium hydroxide, sodium 
ethylate? and alcoholic ammonia.’ 

In 1893 Curtius* found that a dilute aqueous solution of hy- 
dronitric acid could be obtained by leading the red gases, evolved 
from a mixture of nitric acid and arsenic trioxide, into a dilute 
ice-cold solution of hydrazine hydrate, or by adding the blue solu- 
tion obtained by condensing the red gases upon ice. This method 
he considered particularly adapted for lecture-room purposes. 


! Ber. d. chem, Ges., 23, 3023. 
3 [bid., 24, 3341. 

3 Jbid., 29, 759. 

4 Jdid., 26, 1263. 
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At about the same time Angeli’ prepared silver trinitride by 
adding a solution of hydrazine sulphate to a cold saturated solu- 
tion of silver nitrite. ‘ 

Dennstedt and Gohlich,* in 1897, described the preparation of 
liydronitric acid by the interaction of hydrazine sulphate and po- 
tassium nitrite. 

In 1899 Sabanejeff and Dengin*® found that by gently heating 
in a test-tube a mixture of 1.5 grams of hydrazine sulphate and 
4 cc. of nitric acid (density 1.3), they could obtain hydronitric 
acid as one of the reaction products. The vield amounted to 
from 10 to 12 per cent. of the hydrazine sulphate used. The 
method is recommended by its author as an especially available 
one for lecture-room work. 

In «re same year, Tanatar* devised a method for preparing 
hydronitric acid by the action of nitrogen trichloride upon hy- 
drazine. 

(b) The reaction typical of this class of methods may he ex- 
pressed by the equation 

NH, + N,O = HN, + H.O. 

W. Wislicenus® stated in 1892 that he was unable to prepare 
the acid by direct union of the two substances, but that its sodium 
salt could be obtained by passing dry nitrous oxide over sodium 
amide heated to a temperature of between 150° and 250°. 

A detailed experimental study of the method of Wislicenus will 
be found below. 

(c) The typical reaction for this class of methods is expressed 
by the equation 

NH,.NH, + NH,OH + 20 = HN, 4- 3H,O. 


In 1902 Tanatar® found that when a molecular mixture of hy- 
drazine and hydroxylamine salts was oxidized in acid solution by 
bromine water, permanganic acid, lead dioxide or red lead, a 
small quantity of hydronitric acid was invariably formed. With 
hydrogen peroxide a vield of 24.3 per cent., and with chromic 
acid a yield of 29.27 per cent. was obtained. 


1 Attid. Reale Accad. (5), 2, 1, 569; Centrdl., 2, 559 (1893) 
2 Chem. Ztg., 21, 876. 

3 Ztschr. anorg. Chem., 20, 21 

+ Ber. d. chem. Ges., 32, 1399 

5 [bid., 2g, 2084. 

5 Ber. d. chem. Ges., 3§, 11 
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(ad) In 1892 Thiele’? obtained hydronitric acid by decomposing 
the salts of diazoguanidine. 
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this head may be looked upon as involving the decomposition of 
compounds that are derivatives of the hypothetical compound of 
hydrogen and nitrogen, NH..H: NH. 

In the opinion of Hantzsch and Vagt,* however, the so-called 
diazoguanidine is not to be regarded as a real diazo compound, 


it as a trinitride with this structure: 
but as a trinitri vith tl ructut 


i 
HN: 
NH, 
The method of Angeli, given above, might be regarded as a 
mber of this class of methods if the possible formation of 
the intermediate product is considered of any importance. 

In 1893 Curtius* found that by the action of certain diazo- 
compounds upon hydrazine or certain of its primary substitution 
products he in all probability obtained derivatives of the hy- 
pothetical compound of hydrogen and nitrogen, NH,.NH.N: NH, 
which he called buzvlene. 





(¢) Methods of obtaining hydronitric acid by the hydrolysis of 
aromatic trinitrides are perhaps not of the same theoretical in- 
terest as those described above, as the former start from com- 
pounds already containing the nitrine group, and prepared by 
some other method. Work done upon the subject has, however, 
brought out still further the interesting analogy between the 
trinitrides and the chlorides, by showing that the replaceability 
of the nitrine group, as well as of the chlorine atom, is increased 
by the introduction of certain groups into the benzene ring. 

Ann. Chem, (Liebig), 270, 1 

* Ber. d. chem. Ges., 2Q, 259 


Ann. Chem. (Liebig), 314, 339 
t Ber. d. chem. Ges., 26, 1263 
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As illustrative of methods of this class, the work of Nolting 
and Grandmougin? and of Nolting, Grandmougin and Michel? 
may be cited. 

Later Michel? extended the experiments of the above-mentioned 
investigators and confirmed the conclusion already indicated by 
them, that aromatic trinitrides containing negative radicals in the 
ortho or para position may be hydrolyzed by the action of alcoholic 
potassium hydroxide, while the meta substitution products do 
not so react. 

In so far as any attempt has been made by different authors to 
compare the above methods for preparing hydronitric acid on 
the basis of practical utility, the almost unanimous verdict seems 
to be that the method of Wislicenus is on the whole the most 
satisfactory. One reviewer? speaks of the nitrogen trichloride 
method of Tanatar as the one next to be preferred. 

(2) INORGANIC COMPOUNDS OF HYDRONITRIC ACID. 

In 1890 Curtius® briefly described the trinitrides of silver 
(AgN,), mercury (Hg.N,), and barium (BaN,). He also men- 
tioned the existence of the ferrous, cuprous, sodium, and am- 
monium trinitrides. In 1891® he further described some of the 
same compounds, and also the trinitrides of lead and diam- 
monium (N,H,N,). 

In 1896 Dennis and Doan’ prepared thallous trinitride (TIN,), 
and thallous-thallic trinitride (TIN,.TIN,). 

In 1898 Dennis and Benedict,’ in the course of a general in- 
vestigation upon the trinitrides of the alkali and alkaline earth 
metals, prepared the trinitrides of lithium (LiN,.H,O), sodium, 
potassium (KN,), rubidium (RbN,), and caesium (CsN,), and 
the trinitrides of calcium (CaN,), strontium (SrN,), and barium 
(BaN,.H,O). 

In the same year Curtius and Rissom* prepared the following 
compounds: Ammonium, lithium (LiN,), sodium, potassium, 
rubidium, caesium, thallium, calcium, strontium, barium, diam- 


1 Ber. d. chem. Ges., 24, 2546. 

2 Jbid., 28, 3328. 

3 Moniteur scientifique (4), 7, II, 749 

4 Harden : /. Chem. Soc. (London), 76, II, 479. 
5 Ber. d. chem. Ges., 23, 3023. 

6 Jéid., 24, 3341. 

7 This Journal, 18, 970. 

8 Jbid., 20, 225; Zischr. anorg. Chem., 17, 18. 
9 J. prakt. Chem. (2), §8, 261. 
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monium, cadmium (CdN,), pyridine cadmium ((C;H,N),N,Cd), 
and cupric (CuN,) trinitrides; also basic trinitrides of zinc 
(ZnN,OH ?), manganese (MnN,OH), nickel (NiN,OH ?), 
cobalt (CoN,OH), and chromium (ratio 3Cr:2N,); and double 
trinitrides of cobalt and potassium (CoN,.KN,), cobalt and am- 
monium (CoN,.N,H,), and of nickel and potassium (NiN,. 
Kn, ?). He did not succeed in isolating the trinitrides of mag- 
nesium, beryllium, iron, aluminum, platinum and gold. 

In 1900 Curtius and Darapsky,’ in continuation of the work 
just described, made a further study of the behavior of aluminum, 
iron and chromium toward hydronitric acid. They found that 
solutions of alums of these elements reacted with sodium trinitride 
in a manner similar to that described for thorium by Dennis 
and Kortright,? and by Dennis* who found that thorium is quan- 
titatively precipitated from solution by the addition of potas- 
sium trinitride on boiling. These three elements, as well as 
the thorium, separate under this treatment in the form 
of hydroxides. A new basic trinitride of chromium (ratio, 
Cr: N,) was prepared. Zirconium was found to be precipitated 
quantitatively as hydroxide, even in the cold, by the addition of 
sodium trinitride to a solution of zirconium sulphate. With 
yttrium, lanthanum, cerium and didymium they obtained basic 
salts in which two nitrine groups were joined to each atom of 
the element in question. By boiling a solution of uranyl nitrate 
after treatment with sodium trinitride they effected a quantitative 
separation of uranyl hydroxide. Using the method of precipitd- 
tion with alcohol and ether, they confirmed the results of Curtius 
and Rissom by preparing the basic trinitride of manganese, and 
also prepared the neutral trinitride of nickel (NiN, + aq). At- 
tempts were made to isolate the trinitrides of arsenic and anti- 
mony, but without success. 

In 1900 Hantzsch* prepared a trinitride of iodine (IN,) by 
the action of a solution of iodine in benzene or ether upon silver 
trinitride. 

A crystallographic study of several of the inorganic trinitrides 


was made by Gill® and by Rosenbusch.® 
1 J. prakt. Chem. (2), 61, 408. 
2 Dennis and Kortright: Zéschr. anorg. Chem., 6, 35; Am. Chem. /., 16, 79. 
3 Dennis: This Journal, 18, 947. 
* Ber. d. chem. Ges., 33, 522. 
5 This Journal, 20, 225; 18, 970; Zétschr. anorg. Chem., 17, 18. 
6 J. praki, Chem., §8, 261; Z. Krystall., 33, 99. 
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On 


1 


Curtius and his students have prepared a large number of 





compounds of hvdronitric acid with organic acids. The compound 
Sain trinitride (carbazide), CO(N,)., is of especial interest t 
the inorganic chemist because of its analogy to carbonyl chloride. 
Curtius! prepared this compound by the action of sodium nitrite 
upon the hydrochloric acid salt of carbonyl hydrazide, CO( NH. 
NH,.HC1).. Pommerehne? has prepared several compounds of 
ganic bases. For information with re- 


hydronitric acid with o 

spect to these compounds, and for further details concerning the 

inorganic compounds mentioned chove, the reader is referred to 

the original papers, or to the recent work of Dr. Leopold Spiegel, 

“Der Stickstoff und seine -wichtigsten Verbindungen.”’ 

(3) PROPERTIES AND REACTIONS OF HYDRONITRIC ACID AND THE 
INORGANIC TRINITRIDES. 

The properties of an hydrous hydronitric acid have been described 
by Curtius and Radenhausen.’? They have also described* the action 
ofa7] 
It acts upon metallic iron, zine, copper, aluminum, and magnesium 


er cent. aqueous solution of the acid upon different metals. 
with vigorous evolution of hydrogen, while a more concentrated 


~ ¢ >» and ar attianl oe Ae 
solution appears to attack even gold 


and silver. Curtius 
Rissom® found that in aqueous solution the acid is very slowly 
decomposed by boiling with moderately dilute mineral acids, but 


remains unchanged on boiling with pure water. During disti 





tion practically all of the acid comes over with the first quart 
Gf the liquid, leaving behind a very dilute solution, which distils 
unchanged. Aqueous solutions of the acid, even when very dilute, 
may be kept in stoppered glass bottles indefinitely without de- 
composition. In concentrated aqueous solution it is, however, 
dangerously explosive.® 

Ostwald determined by measuring the electrical conductivity 


of hydronitric acid that it was slightly stronger than acetic 
His experimental data seem to be inaccessible. Two other in- 
vestigators almost simultaneously repeated his work. Hantzsch’ 
found that the conductivity increased with the temperatur 

1 Ber. d. chem. Ges., 27, 2 

2 Arch. Pharm., 236, 479 

kt. Chem., (2), 43, 207 

1. chem, Ges., 23, 3023. 
t. Chem. (2), §8, 261 
Curtius: Ber. d. chem. Ges., 23, 3023. 
7 Ibid., 32, 3066 
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11 


\Vest? measured the conductivity of the acid and of its sodium 
salt. He finds the strength of the acid at 25° to be slightly greater 
than that of acetic acid, and about one-seventieth that of hydro- 
chloric acid. 
In 1895 Peratoner and Oddo? examined the gaseous p 
btained by the decomposition of certain compounds of beds 
nitric acid in the hope of finding argon in case this should be 
polymeric nitrogen. Only traces of argon were found, coming 
probably from the air dissolved in the solutions. 
This subject was further studied by Szarvasy. 
See also Peratoner and Oddo. 
With regard to the structure of hydronitric acid, three lines of 
evidence tend to support the current belief that the compound 
tains a closed ring composed of three nitrogen atoms, and 
the e structural formula 


Fischer? showed that phenvltrinitride (diazobenzenimide) 


which had already been suggested by Kekule.6 And from this, 
by the saponification with alcoholic potassium hydroxide of an 
appropriate substitution product (see reference to Nolting’s work 
hove), potassium trinitride is obtained. (2) Dennis and Doan‘ 
found that the decomposition of thallous trinitride in a current of 
hydrogen vielded both ammonia and nitrogen, which may be 


expressed 


A 
ry 
— 
ry 


N H \HL 


1 J. Chem. Soc. (London). 77, 705 


2 Gazz. chim. ital., 25, U, 13; Chem. Centrdl., 9§, 2, 8 
J. Chem, Soc. (London), 77, 603 
* Gazz. chim. ital., 30, I, 95; Chem. Centrdl., If, 669 (1900). 


Ann. Chem. (Liebig), 190, 67 
® Lehrbuch, 3, 2 
rhis Journal, 18, 970. 
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(3) Erdmann? suggests that the formation of hydronitric acid by 
the method of Wislicenus is proof of its structure. 


+“ NY 
| DO-+H,NH = || DNH+H,0. 
N N 


In opposition to the foregoing is the belief of Armstrong,” based 
upon a study of the optical properties of the acid, that it may be 
an unsaturated compound with the formula 


=N—N—N=. 
H 
Mendeléeff* regards hydronitric acid as being theoretically de- 
rived from secondary ammonium orthonitrate, by the abstraction 
of 4 molecules of water, as follows: 


H(NH,),NO, — 4H,O = HN,. 


From the corresponding primary salt, nitrous oxide is considered 
to be derived, and ammonium trinitride from the tertiary salt by 
a similar theoretical process. It may not be out of place to men- 
tion here that orthonitric acid, predicted years ago by Men- 
deléeff, has recently been made by Erdmann.‘ 

Berthelot and Matignon,® and Bach*® have almost simultane- 
ously determined the thermochemical data for hydronitric acid. 

Details concerning the explosive character of the salts of hy- 
dronitric acid will be found in the articles of Curtius, Dennis and 
Benedict, Dennis and Doan, and Berthelot and Vieille.? 

Hydronitric acid and its salts have a pronounced toxic effect 
upon living organisms. When the fumes of the acid are inhaled, 
even in very small amounts, they produce a characteristic head- 
ache and dizziness. The effect upon certain mammals of the 
subcutaneous injection of small doses of the sodium salt, 
is the production of spasms, and symptoms of heart and lung 
paralysis. In the case of bacterial life, growth is prevented.® ® 


1 Lehrbuch. d. anorg. Chem., 2te Auf., p. 190. 

2 Chem. News, 67, 153. 

3 “Principles of Chemistry” (2nd Eng. ed.), Vol. I, p. 267. 
4 Zischr. anorg. Chem., 32, 431. 

5 Compt. rend., 113, 672. 

6 Ztschr. phys. Chem., 9, 241. 

7 Ann. chim, phys. (7), 2, 339- 

8 Loew : Ber. d. chem. Ges., 24, 2947. 

® Schattenfroh : Arch. fir Hyg., 27, 231. 
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Il. EXPERIMENTAL. 


(A) A STUDY OF THE WISLICENUS' METHOD FOR PREPARING HY- 
DRONITRIC ACID. 


The hydronitric acid used in this investigation, as well as in 
the earlier ones carried on in this laboratory, has been made en- 
tirely by the Wislicenus method, and several years ago a careful 
examination of this process was begun with a view to ascertain- 
ing the conditions most favorable to a high percentage yield, es- 
pecially when the sodium amide and sodium trinitride were pre- 
pared on a somewhat large scale. In describing our results, it 
may be well to classify the experiments under (a) The Prepara- 
tion of Sodium Amide, (b) The Preparation of Sodium Trinitride 
from Sodium Amide, and (c) The Preparation of Hydronitric 
Acid from Sodium Trinitride. 


(a) The Preparation of Sodium Amide. 


Sodium amide was discovered about the year 1808 by Gay- 
Lussac and Thenard? during an investigation of the properties 
and reactions of the then newly discovered metals, potassium 
and sodium. Fifty years later it was subjected to further scrutiny 
by Beilstein and Geuther.* In 1892, W. Wislicenus* first used 
it as a source of hydronitric acid, as stated above. And finally, 
in 1894, Titherley® prepared it in large quantities, and carefully 
studied its composition and many of its properties. 

In the work here to be described, attention has been paid to 
the following considerations involved in the preparation of the 
compound: (1) The action of molten sodium upon vessels of 
different materials; (2) construction of safe and convenient 
apparatus for enclosing the vessel containing the molten sodium; 
(3) necessary precautions to be employed in obtaining ammonia 
and sodium of sufficient purity; (4) means of securing good 
contact between the reacting substances; (5) the influence of 
temperature upon the nature of the product; and (6) method 
of analyzing the product. These points will be considered in 
detail. 


1 Ber. d. chem. Ges., 2§, 2084 (1892). 

2 Recherches Phystco-chimiques, 1, 337. 

3 Ann. Chem. (Liebig), 108, 88 (1858). 

4 Ber. d. chem. Ges., 2§, 2084 (1892). 

5 J. Chem. Soc. (london), 65, 504 (1894); 71, 460. 
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used in the preparation of the sodium amide, and the amide was 
then heated in a current of nitrous oxide in a second iron crucible 


" 
to convert it into the trinitride. On dissolving the product ot 


the second reaction in water and acidifving the solution with 


sulphuric acid a heavy blue precipitate resulted. This was found 





J. Chem. Soc. (Ion 
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be essentially Prussian blue. On distilling off the hydronitric 
cid from this acidified solution the distillate was found to con- 
in hyvdroeyanic acid as well. It was at first suspected that the 
-arbon necessary to the formation of this hydrocyanic acid came 
m the kerosene in which the metallic sodium had been kept. 
avoid the presence of this element, large pieces of sodium 9g 
nches long by 3 inches in diameter were procured 


1 


and after 
half an inch of the end had been cut off a core of sodium, 
t over 1.5 inches in diameter, was cut from the middle of the 
The use of this materia! in the preparation of fresh samples 
sodium amide in iron crucibles diminished the amounts of 
lrocvanic acid and cvanides that were formed, but did not 
ad to the total avoidance of these products. It was then sus- 


ected that the carbide of iron present in the iron of the crucible 


it be attacked by the molten sodium and furnish the evanogen. 
st this supposition, fresh portions of the amide were pre- 


] 
1 


in crucibles made of nickel that was free from carbon, and 
indicat#on of the formation of either Prussian bl: r hydro- 

lic acid was obtained upon examination of the products. This 
rmation of hydroevanie acid, when iron vessels were used, has 
been pointed out by Szarvasy,’ who did not attempt to avoid 
the formation of cvanides, but separated the sodium cvanide from 
sodium trinitride by treating the mixture with alcohol, the 
dium cyanide remaining in solution. In all of the later work 
1 this laboratory the sodium amide and the sodium trinitride have 
been prepared in nickel dishes 5 inches in diameter with per- 


les 3 inches high. As a result of long-continued 


ndicular si 
ise these dishes show signs of heing somewhat attacked by the 
sodium, but the polishing of the dish with fine sea-sand before 

ich run prevents any perceptible action upon it during the course 

Fa single experiment. 

(2) In the above examination of the action of sodium on the 
material of the container the porcelain and platinum boats were 
heated in combustion tubing, the small silver and nickel crucibles 

vertical glass tubes 2.5 inchas in diameter and sealed at one 
end, while the large crucibles were heated in a perpendicular 

n tube 3.5 inches in diameter and cloked at each end with a 

vv screw cap. the upper cap being perforated for the entrance 
ind exit of the gases. For preparing the sodium amide in large 


’. Chem. Soc. (london), 77, €03 (1900). 
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amounts in the 5-inch nickel dishes above-mentioned a special 
container was necessary, and after many experiments with differ- 
ent devices the apparatus shown in Fig. 1 was finally adopted. 


= | 
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Fig. 1. 








The can A is of sheet iron and is provided with a double bot- 
tom and with a grooved top, K K’, into which fits the cover B. 
This has three tubular openings, H, H’, H”, for rubber stoppers 
holding respectively the inlet tube for ammonia D, the outlet 
tube E, and the thermometer F. The nickel dish G stands upon 
a little tripod which prevents direct contact between the dish and 
the highly heated bottom. No solder was used in making the can. 
All joints were fastened with rivets. After the cover has been 
placed in the grooved top, the outside annular space is tightly 
packed with asbestos and sand. The can is placed upon a thick 
iron plate, and heated with a triple burner. 

(3) The ammonia used in several of the earlier experiments 
was prepared from ammonium chloride purified according to 
the method of Stas.!_ A saturated solution of the ordinary “C. P.” 


1 Stas: “Untersuchungen iiber die Gesetze der chemischen Proportionen,’’ German 
translation by Aronstein, p. 49. 
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salt was boiled with one-tenth its volume of concentrated nitric 
acid until chlorine was no longer evolved. The crystals that sep- 
arated on cooling were redissolved, and similarly evaporated with 
a smaller amount of acid. The crystals thus obtained were dried 
and mixed with twice their weight of calcium hydroxide. The- 
mixture was then placed in a seamless copper bottle, was moist- 
ened with a little water and was heated. By this means freedom: 
from pyridine bases was insured. Comparative tests, however, in 
which other conditions were kept constant showed this extreme 
precaution to be unnecessary, and consequently ordinary “C. P.” 
ammonium chloride was commonly employed. The ammonia 
was dried by passing it through a long chain of’ tubes containing 
fused sodium hydroxide and soda-lime. It was not found neces- 
sary to use a tube containing metallic sodium, as suggested by 
Titherley. 

The sodium used in the experiments was cut from the center 
of large sticks of the metal for the reason already mentioned. 
In handling the sodium, care was taken to warm all apparatus 
with which it was to be brought into contact, in order to drive 
off the film of moisture that is present at ordinary temperatures. 

(4) To test the effect of greatly increasing the surface of con- 
tact between the reacting substances, two simultaneous experi- 
ments were conducted at the same temperature (about 250°). 
In one the ammonia was allowed to pass, as usual, over the surface 
of the molten sodium, while in the other it was led beneath the 
surface of the molten sodium through a hard glass tube. The 
results of the analysis of the products obtained by these two 
different treatments are given in Table I. 


TABLE I. 


Time of Percent. nitrogen. Per cent. sodium. 
action. -— A ~ 
Hours. Found. Theory. Found. Theory. 
Surface contact only.......... 4% 31.0 61.2 
35-9 59.0 





Ammonia bubbling through the 
molten sodium........++++. I 35-3 59.4 


These results show that when the ammonia passes through the mol- 
ten sodium rather than over its surface, the formation of the amide 
is much accelerated. one hour’s treatment by the bubbling 
process yielding a product of greater purity than four and one- 
half hours of treatment by surface contact. At the beginning 
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of the experiment, after the sodium has become molten, the tube 
is submerged until it almost reaches the bottom of the dish. Then, 
from time to time, as the action proceeds, the tube is slightly 
raised, to avoid unnecessarily stirring up the amide, which sinks 
to the bottom as it is formed Finally, when only a small globule 
of the metal remains, the tube is raised out of the liquid during 
the remainder of the treatment. No very perceptible error seems 
to be introduced by the slight action of the sodium upon the hard 
glass tube through which the ammonia is led. A tube of pure 
nickel, however, would undoubtedly be preferable to one of glass. 

(5), The rapidity of action of the ammonia upon the molten 
sodiurn was found to increase with the temperature, as was to 
be expected. But at températures much above 350° (which was 
the temperature found on the whole to give the best practical 
results) there seemed to be some loss of the product by sublima- 
tion. This was noted also by Titherley, who worked chiefly be- 
tween temperatures of 200° and 400°. At temperatures below 
250°, on the other hand, rather curious results were obtained in 
our work. Although in every case the reaction seemed to have 
been completed, analvsis invariably showed too low a percentage 
of nitrogen, and too high a percentage of sodium. Moreover, the 
deficit of nitrogen and excess of sodium showed a tendency to 
increase as the temperature became lower. At first this was 
attributed to the possible presence of uncombined sodium dis- 
solved in the amide; but when pieces of the product were thrown 
upon water beneath an inverted glass tube filled with water, no 
hydrogen was liberated. 

In Table II are given the results of three experiments con- 
ducted at different temperatures in the neighborhood of the tem- 
perature limit below which apparently a good product cannot 
be obtained. In the second and third of these experiments, about 
100 grams of sodium were employed in each case, while in the 
first a somewhat smaller amount was used. The method of 


bubbling was used in each case, and the reaction was allowed to 


proceed to completion. 


TABLE II. 
Theory for No. 1 No. 2 No. 
Per cent. of NaNHo. (250°) (240°) (200 
SOGUMM ies cesicees esas. civeee 59.0 59.4 61.4 71.2 
Nitrogen + ..0.s0s cece soccer 35-9 35.3 33.6 23.4 





ee MV Odi wm 


ao 


~~ =~ 


nm 


iti, i) A ce 








HYDRONITRIC ACID AND INORGANIC TRINITRIDES 593 


x 


It would appear from the foregoing results that at a tempera- 
ture below 250° a satisfactory product is not obtained. 

(6) Method of analyzing the amide. Beilstein and Geuther* 
made analyses of the compound by dissolving weighed samples 
in dilute hydrochloric acid in a long-necked flask, evaporating 
the solution to dryness and determining the ratio between the 
amounts of sodium chloride and ammonium chloride formed. 

Titherley* in one series of experiments attempted to determine 
the vield of sodium amide by ascertaining the ratio between the 
weight of sodium taken and that of the product formed. In his 
second series he obtained the ratio between the increase in weight 
due to the change of sodium into amide and the weight of hydro- 
gen evolved. In his experiments verv satisfactory results were 
obtained by the use of this method, because, no doubt, of the 
extreme precautions he had taken to exclude air and moisture 
from the apparatus. For general use, however, the method used 
in his first series, at least, is open to the objection that it would 
fail to show even a considerable error due to the action of air 
or moisture upon the sodium, for the reason that the molecular 
weights of NaNH,,.NaQ(= 13Na.O0.) and NaOH are nearly the 
same. 

It is evident that definite information concerning the yield of 
sodium amide can be obtained only by determining the percent- 
ages of both nitrogen and sodium in the product. To accom- 
plish this a weighed portion of the product was placed in a Kjel- 
dahl flask provided with a Reitmeier bulb and a dropping funnel. 
Water was introduced through the dropping funnel, and the am- 
monia set free by the decomposition of the sodium amide was 
distilled off into standard hydrochloric acid, the excess of acid 
being then determined by titrating back with standard sodium 
hydroxide, using methyl! orange as the indicator. To insure com- 
plete removal of the ammonia. the solution in the Kjeldahl flask 
was carefully evaporated to dryness, redissolved in fresh water 
and again evaporated to dryness. ‘The percentage of sodium was 
determined bv titrating the residue of sodium hydroxide in the 
flask with standard hydrochloric acid. This method was used in 
obtaining the results given in Tables I and II. 


1 Ann. Chem. (Liebig), 108, 88 (1888) 
2 7. Chem. Soc. (London), 6§, 304 (1894). 
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(b) The Preparation of Sodium Trinitride from Sodium Amide. 

In his original work upon the method, W. Wislicenus? pre- 
pared sodium trinitride by passing nitrous oxide over sodium 
amide heated to a temperature of between 150° and 250°. He 
obtained a vield equal to 50 per cent. of the theory called for by 
the equation 2NaNH, + N,O = NaOH + NaN, + NH. 

Szarvasy* worked between the temperatures of 190° and 220° 
and obtained a yield of 56 per cent. 

In the early work done in this laboratory the temperature varied 
between 210° and 225°. As the thermometer was usually from 1 
to 3 inches above the nickel dish in the iron can, the actual tem- 
perature of the amide was probably somewhat higher. In one 
experiment the attempt was made to bring the bulb very close 
to the surface of the amide. As a result, the bulb broke during 
the course of the experiment probably because it came in con- 
tact with the molten amide, and the mercury upon dropping into 
the amide caused a violent explosion that completely wrecked the 
apparatus. The best method of securing accurate temperature 
measurement in this work would probably be to encase the ther- 
mometer bulb in a polished nickel tube, closed at the lower end, 
and then submerge it in the molten amide. In our later work, 
however, the thermometer was simply placed outside the nickel 
dish within the can, so the bulb was on a level with the amide. 

In this way fairly accurate measurements were possible. 

The yields of sodium trinitride obtained in the early work 
here were very low, seldom rising above 5 per cent. of the theory, 
even when the amide used was of a high-grade of purity. Con- 
sequently, some years ago Mr. Edward Hirshfield undertook, in 
this laboratory, a careful study of the process and found that the 
low yield was not attributable either to leakage of air or moisture 
into the apparatus, or to the catalytic action of the nickel crucible. 

Mr. Hirshfield then noticed that small portions of the product 
adhering to the bottom of the inlet tube were of an appearance 
quite different from that of the rest of the mass, and showed a 
percentage of sodium trinitride in one case equal to 79 per cent. 
of theory, while the main mass showed no more than 2 per cent. 
This at once suggested a consideration of the influence of tem- 
perature upon the reaction. The product scraped from the inlet 


1 Ber. d. chem. Ges., 2§, 2084 
2 7]. Chem, Soc. (London), 77, 603. 
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tube had undoubtedly been formed at a lower temperature than 
that to which the contents of the crucible had been subjected. It 
had a crumbly appearance, as though it had solidified as soon as 
formed, while the contents of the crucible gave the appearance 
of having been perfectly fused. 

A series of four experiments was now conducted in which, to 
facilitate observation and to enable quick regulation of tempera- 
ture, a long combustion tube, bent upwards at the ends, was used. 
In each case a quantity of the amide, broken into small pieces, 
was introduced into the tube, which was then cautiously heated 
in a combustion furnace until the amide was in a state of perfect 
fusion. As anticipated, the greenish liquid began slowly to change 
to a white solid, the transformation beginning at the end of the 
tube nearest the nitrous oxide generator and proceeding toward 
the other end. If during the process any portion of the tube 
became slightly overheated, there would result a violent rush of 
gas and a local ignition confined to the limited area that has been 
overheated. This could instantly be checked by shutting off the 
supply of nitrous oxide. ‘The results of these four experiments 
are shown in Table III. In Nos. 1, 2, and 3 several local igni- 
tions were observed to take place. In No. 4 their occurrence was 
prevented by regulating the temperature with extreme care. 


TABLE III. 


Grams AgCl Percentage 
per gram product. yield of NaN3. 


74.0 
82.0 
69.0 
90.8 


The results of these experiments seem to show that the low 
vield in the previous runs was due probably to the secondary 
reaction between nitrous oxide and sodium trinitride, this action 
taking place with almost explosive violence at temperatures above 
a certain limit and to some slight extent perhaps even at com- 
paratively low temperatures. 

To further test this assumption, Mr. Hirshfield conducted sev- 
eral experiments upon weighed amounts of carefully prepared 
sodium trinitride. In each case the substance was placed in a 
porcelain boat and introduced into a combustion tube as close 
as possible to the bulb of the thermometer. Heated for one hour 
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perature of about 350° in a current of pure ammonia gas, that 
is first dried by passing it through soda-lime and fused sodium 
hydroxide. During this process the temperature must not be 
allowed to fall below 250°. The inlet tube, through which the 
ammonia enters, is pushed down beneath the surface of the sodium 
as soon as that metal melts so that the gas may bubble up through 
the liquid. When the reaction is nearly complete (from five to 
seven hours) the inlet tube is raised out of the liquid. The flow 
of ammonia gas should be steady to prevent the rise of sodium 
in the inlet tube. In any case it is well to guard against the 
danger due to sudden stoppage by providing the inlet tube at 
some point outside of the iron can with a perpendicular side tube 
dipping into mercury. ‘The end of the reaction is shown by the 
absence of hydrogen in the gas escaping from the can. Hydrogen 
in this escaping gas may be detected by collecting the gas in a 
test-tube by displacement, closing the tube with the thumb and 
immersing the mouth of the tube in water to absorb the ammonia, 
and then bringing the residual gas in the test-tube into contact 
with a flame. When no inflammable gas is present in the tube, 
the operation may be regarded as complete. The apparatus is 
then allowed to cool nearly to the temperature of the room. It 
has been found inadvisable to treat all of this product in one 
operation with nitrous oxide because of the tendency to “creep,” 
shown by the sodium trinitride. Consequently, about three- 
fourths of the sodium amide resulting from the above operation 
is removed and placed in a desiccator over metallic sodium. 

The iron can containing the remainder of the sodium amide 
in the nickel dish is now connected with an apparatus furnishing 
dry nitrous oxide, the arrangement being that shown in Fig. 2. 
This gas is made by heating ammonium nitrate. The ammonium 
nitrate is contained in the flask A resting on an iron plate and 
heated by a single Bunsen burner. The outlet tube B slopes 
downward and carries a two-way stop-cock, C, and the branch 
tube D, and at the end is bent down and inserted in a test-tube, E. 
The branch tube D is about 30 em. long and is immersed to the 
depth of not more than one centimeter in mercury that stands 
in the bottom of the small cylinder F. This arrangement serves 
to collect in F water that may flow down the side tube D and 
furnishes also a safety-valve for the release of pressure when- 
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ever stoppage occurs in the tube JV’. The object of this device 
to catch most of the water evolved in the decomposition of the 
ammonium nitrate, preventing, on the one hand, the passage of 
the large amount of moisture into the drying agents beyond, and 
on the other hand, the return flow of the condensed moisture into 
the flask 4. During the operation the two-way stop-cock C 
stands in such a position that the flask communicates with the 
drying agents bevond. Whenever it is desired to stop the flow of 
nitrous oxide through the apparatus the stop-cock is turned to 
such a position as allows the escape of the gas th _ its lower 
end. The test-tube E serves to collect the condensed water that 
may have passed bevond the side arm D. The aoe tube from 
E is connected with U-tubes / 37 containing soda-lime, and be- 
yond these are three U-tubes OP containing fused sodium 
hydroxide. The gas then enters the inlet tube IT” of the apparatus 
R, which has already been shown in Fig. 1. 

The generation of the nitrous oxide is now begun and when 
all air has been displaced from the apparatus the iron can is 
heated to a temperature of 190°. In this part of the operation the 
gas is not bubbled erties the molten amide because the product 
is solid and would > stoppage of the tube. The conversion 
of the 25 grams of oniinae amide takes about five hours. The 


end of the reaction is indicated by the absence of ammonia in the 
gas escaping from the outlet tube of the can. When the con- 
version is complete, the flame under the can is extinguished and 
the contents of the nickel dish is allowed to cool in a current of 
nitrous oxide. The cold product, consisting of a mixture of 


sodium trinitride and sodium hydroxide is then dissolved 
water. Hvdronitric acid is distilled off in the manner previously 


described. 

If the process has been properly conducted, no gas will be 
evolved when the final product is dissolved in water. 

(B) THE COMPOSITION OF CERTAIN INORGANIC TRINITRIDES. 

Lithium Trinitride and Barium Trinitride-—In the course of 
the investigation by Dennis and Doan? upon the compounds of 
thallium a large amount of pure hydronitric acid had been pre- 
pared by a modification of the Wislicenus method, but no 
systematic study of the compounds of the acid with inorganic 

1 This Journal, 18, 970 
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tion. Dennis and Benedict had no intention of giving the im- 
pression that they considered it impossible to dehydrate the 
trinitrides of lithium and barium by long-continued drying over 
concentrated sulphuric acid, nor did they suppose that analyses 
of salts dried in this manner would give a correct idea of the 
composition of those compounds as they separate from solution. 
To make sure, however, that water of crystallization is present 
in the two salts in question, Mr. J. H. Pettit prepared, in this 
laboratory, fresh portions of the trinitrides of barium and lithium, 
drying these samples in air between sheets of filter-paper, and 
then over night in a desiccator containing calcium chloride. His 
analyses gave the following results: 





TABLE IV. 
Calculated for Found. 
~ eee 
LiN3. LiN3. H2O. 5. II. 
Per cent. Per cent. Per cent. Per cent. 
iA is ols oicisi<opiaeie sissies 14.29 10.46 10.82 10.88 
BaNg- BaN,H20. i. j 
Per cent. Per cent. Per cent. Per cent. 
RG sieicisrsiereisieisio visisiscg's o's 61.96 57582 57.16 57.31 


To ascertain whether the air-dried, hydrated barium trinitride 
would lose water of crystallization on standing over sulphuric 
acid, 0.2429 gram of the air-dried salt was allowed to stand for 
two months in a desiccator containing sulphuric acid. The 
amount of water contained in the above-mentioned weight of 
BaN,.H,O is 0.0184 gram. The salt lost, on standing, over the 
sulphuric acid 0.0182. 


The above analyses confirm the statement of Dennis and Bene- 
dict that lithium trinitride and barium trinitride, as crystallized 
from aqueous solutions, contain each 1 molecule of water of 
crystallization. 


Silver Trinitride.—Curtius? states that silver trinitride is in- 
soluble in water and dilute acids. Both of these statements are 
incorrect. As pointed out by Dennis,? silver trinitride is soluble 
in dilute, hot nitric acid, and recent experiments by the authors 
have shown that the compound is also somewhat soluble in boil- 
ing water (about 0.1 gram in I liter of water), and that it crys- 


1 Ber. d. chem. Ges., 23, 3023, (1890). 
2 This Journal, 18, 947 (1896). 
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tallizes in minute needles from this solution. This crystalline 
form of silver trinitride has already been mentioned by Angeli. 


(C) A METHOD FOR THE DETECTION OF HYDRONITRIC ACID AND THE 
INORGANIC TRINITRIDES. 


In 1898 Curtius and Rissom? called attention to the deep red 
coloration produced either indirectly by shaking in air a solution of 
ferrous ammonium sulphate which had been treated with sodium 
trinitride, or directly by treating a ferric chloride solution with the 
same substance. From the red solution, boiling caused the precipi- 
tation of all of the iron as ferric hydroxide, and caused the red 
color entirely to disappear. Even in the cold they found the color 
faded gradually, and that a precipitate containing a basic ferric 
trinitride appeared. In a parenthetical clause they suggested 
that the production of this red color was a “charakteristische 
Reaktion auf Stickstoffwasserstoff und auf Eisenoxydsalze.” 

In 1900 Curtius and Darapsky* again commented upon the 
blood-red coloration, produced this time by the action of sodium 
trinitride upon ferric ammonium sulphate in sufficiently strong 
solution. The colored solution they again found to deposit a 
brown basic ferric trinitride, that appeared at once, if the solution 
was dilute, but only after some time, if it was concentrated. 

It has been found, on experimenting with the substances in 
this laboratory, that by observing the simple precaution of keep- 
ing the ferric compound in excess, the red coloration produced 
by the action of hydronitric acid or an inorganic trinitride will 
last indefinitely, even in very dilute solutions. If, for example, 
a ferric chloride solution of any desired strength is treated with 
hydronitric acid or the solution of a trinitride (also of any de- 
sired strength) up to the point only where the brown precipitate 
at first formed, is redissolved when the solution is shaken up, 
then the coloration produced will last for weeks. The color may 
vary, according to the strength of the solutions used, from a light 
reddish brown to a blood-red color so deep that the solution, even 
in thin layers, appears almost black. In very concentrated solu- 
tions the odor of hydronitric acid may be perceived. 

The action of an excess of the ferric salt in preventing the 
spontaneous precipitation of ferric hydroxide or a basic ferric 


1 Ati. R. Accad. dei Lincet Roma (5), 2, I, 569 (1893). 
2 J. prakt. Chem. (2), §8, 261. 
8 Jbid. (2), 61, 408. 
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trinitride from a solution of ferric trinitride is probably to be 
explained on the ground that the precipitation occurs as the 
result of hydrolysis, and that this is prevented by the addition 
of a salt with a common ion, which forces back the dissociation 
of the ferric trinitride. 

This characteristic behavior of a ferric salt toward the tri- 
nitrides has been of considerable use in this laboratory in testing 
residues and old solutions for hydronitric acid. It would also 
be of value in experimental work upon new methods of prepar- 
ing the acid. In order to insure the perfect reliability of the 
test, a study has been made of some of the properties, physical 
and chemical, of the solution of ferric trinitride. 

The color of the solution is remarkably similar to that of a 
solution of ferric sulphocyanate. When the color intensity of 
the two is about the same, the eye, even with the aid of the spec- 
troscope, ¢an find no difference between them. ‘The color in- 
tensity of both solutions rapidly diminishes on dilution with water, 
that of the ferric sulphocyanate, however, fading more rapidlv 
than the color due to the ferric trinitride, as was ascertained by a 
series of careful experiments conducted with a Duboscq color- 
imeter. These facts may be readily explained on the assumption 
that the color is in each case characteristic of the undissociated 
compound. Increasing the dilution would then not merely dis- 
tribute the colored bodies throughout a greater space, but would 
also, by increasing the dissociation, diminish their total number. 
Thus, diluting a given solution with its own volume of water 
would reduce the color to less than one-half its former intensity. 
Moreover, since sulphocyanic acid is a much stronger acid than 
hydronitric,’ its salts will be dissociated to a greater extent for 
a given concentration. Therefore dilution of a given solution of 
ferric sulphocyanate should cause a greater loss of color than 
similar dilution of a solution of ferric trinitride of the same con- 
centration. 

Concerning the sensitiveness of the ferric chloride test for tri- 
nitrides it may be said that if one part by weight of N,, be pres- 
ent in 100,000 parts of water, the addition of a little ferric chlo- 
ride solution, insufficient in itself to produce any perceptible color- 
ation, will, by the formation of ferric trinitride, produce a quite 
distinct color, which may be clearly seen by looking down through 
1]. prakt. Chem. (2), 32, 300 (1835 
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> test-tube at a white background. Of course in dealing with 
such weak solutions it is necessary to take care not to mistake 
the color of the ferric chloride solution itself for that of the 
trinitride. The danger may easily be avoided by adding the same 
amount of ferric chloride solution as that used in the test, to a 
volume of water equal to that of the solution to be tested. 

With respect to the general applicability of the test it may 
be said that many representative inorganic trinitrides have been 
tested, including the potassium, sodium, barium, calcium, stron- 
tium, mercuric, cadmium, nickel, etc., etc., as well as even the 
comparatively insoluble lead, silver and mercurous compounds. 
In every case the characteristic red coloration has been quickly 
produced. Even in pyridine solution dry silver trinitride and 
ferric chloride act in the same way. 

Dilute mineral acids (preferably hydrochloric acid), discharge 
the color of ferric trinitride, but do not materially affect the color 
of ferric sulphoeyanate. On the other hand, mercuric chloride 
discharges the color of ferric sulphocvanate more readily than it 
does that of ferric trinitride. By the aid of these reactions sulpho- 
cyanates and trinitrides may be identified even when both are 
present. 

(D) THE REACTION BETWEEN HYDRONITRIC ACID AND POTASSIUM 
PERMANGANATE IN THE PRESENCE OF SULPHURIC ACID. 

It seemed reasonable to suppose that hydronitric acid might be 
quantitatively determined by titration with potassium permanga- 
nate, and that the reaction would proceed according to the follow- 
ing equation: 

KMnO, + 10HN, + 3H,SO, = 
K,SO, + 2MnSO, + 8H,O + 15N,. 


> 


Preliminary experiments showed, however, that the amount of 
permanganate necessary for the oxidation of the hydronitric acid 
was considerably higher than that called for in the above equa- 
tion, and the experiments described in this chapter were under- 
taken with a view to ascertaining the exact nature of the reaction. 

The attempt was first made to determine the ratio between 
hydronitric acid and potassium permanganate in presence of sul- 
phuric acid by ordinary methods of titration. An approximately 
tenth-normal solution of potassium permanganate was accord- 
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ingly standardized with ammonium ferrous sulphate. A dilute 
solution of hydronitric acid was standardized by precipitation of 
measured volumes with silver nitrate, evaporation of the washed 
precipitate with hydrochloric acid, and weighing as silver chlo- 
ride. 

Titrations were made by the following methods: (In each 
case sulphuric acid was added in sufficient quantity to keep the 
solution quite strongly acid throughout the experiment.) (1) By 
adding a measured amount of hydronitric acid to a measured 
excess of potassium permanganate, (a) at room temperature 
(20°), and (b) at a temperature of 45°. The excess of per- 
manganate was subsequently determined by back titration with 
standard ammonium ferrous sulphate solution. (2) By gradu- 
ally adding hydronitric acid to a measured amount of perman- 
ganate until the color was just destroved. (3) By adding hydro- 
nitric acid in slight excess to a measured amount of permanganate 
and then adding more permanganate, drop by drop, until the 
faintest discernible permanent coloration was produced. In each 
case the reaction took place only after the lapse of several min- 
utes. Raising the temperature hastened the reaction to some 
extent, and apparently had no other effect. At temperatures 
much above that of the room it was considered advisable to keep 
the reacting substances in a stoppered flask provided with a U-tube 
containing silver nitrate solution, in order to detect any loss 
of hydronitric acid during the titration. No loss was found to 
have occurred in any of the experiments. The results of the 
titrations are given in Table V. 































TABLE V. 
Ratio of molecules of 

Number HN; to one molecule of KMnQ,. 
Number of of different ~ 
experiment. titrations made. Extremes. Average. 

1a 5 2.12-2.22 2.18 

16 6 2.10-2.29 2.21 

2 10 2.11-2.39 2.25 

3 5 2.40-2.60 2.47 






Average from tue twenty-six titrations, 2.27 










From the foregoing results it will be seen that this method of 
ascertaining the ratio between the two reacting substances is 
rather unsatisfactory. Both the variations within a given series 
of titrations and the variations of the averages of different series 
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seem to be outside the limits of experimental error. The diffi- 
culty is no doubt due to the impossibility of securing a definite 
end-point, owing to the extreme slowness of the reaction toward 
the end of the titration. It is probably also due, in some degree, 
to a tendency on the part of the reacting substances to unite in 
different proportions under different conditions, as when, for 
example, one or the other may temporarily or locally be in ex- 
cess during the titration. Further reason for this view will be 
seen later. The method employed in the first experiment was 
found to be doubly unreliable because of the fact that when hy- 
dronitric acid is added to potassium permanganate in excess, 
there are thrown down oxides of manganese of varying com- 
position which are insoluble alike in sulphuric and hydronitric 
acids. (This is true even when there is a considerable excess of 
sulphuric acid present in the solution during the titration.) 


The titration experiments were now discontinued, and a quali- 
tative study made of the reaction products formed. The solution 
obtained by allowing a slight excess of hydronitric acid to act 
upon a quantity of potassium permanganate solution in the pres- 
ence of sulphuric acid and then destroying the excess of hydro- 
nitric acid by adding permanganate drop by drop, until the char- 
acteristic color was just discernible, was examined as follows. 
It was not considered necessary to look for free N, among the 
reaction products, for it does not seem reasonable to suppose, 
with Dennstedt and Gohlich,? that the monovalent nitrine group, 
similar in so many respects to the chlorine atom, could exist alone, 
even if the hydrogen atom could be removed from hydronitric 
acid without breaking it up. There would probably be immediate 
union of two such groups, as suggested by other investigators,? 
to form a compound, (N,),., which we have called nitrine, anal- 
ogous to the chlorine molecule. It was, however, theoretically 
possible that during the oxidation of the hydronitric acid certain 
oxyacids might have been formed, analogous to the oxyacids of 
chlorine. To show the analogy the following list is given: 


H—Cl H—N¢ | 
( ) ( AL ) 
1 Chem. Zig., 21, 876. 
2 Curtius, Hantzsch and others. 
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UN 
H—O—N¢ 





mpounds the nitrine group would show, according as 
none, one, two, or three of its nitrogen atoms became pentavalent, 
a monovalent, trivalent, pentavalent or heptavalent character, just 
he chlorine atom is supposed to do. 

To ascertain whether any such nitrogen acids were formed 
by the action of permanganate upon hydronitric acid, portions 
of the solution whose preparation was described in the first lines 
of the preceding paragraph were carefully distilled (a) at tem- 
peratures of 70° and 100°, respectively, at ordinary atmospheric 
pressure, and (b) at temperatures of 50° and 80°, respectivel\ 
at a pressure corresponding to 10 cm. of mercury. The vapors 
were in each case led into water containing a little phenol- 
phthalein with just barely enough sodium hydroxide to redden 
it. In no case was the red color destroved. The absence of nitric 
acid was still further established by the fact that the test with 
ferrous sulphate solution and concentrated sulphuric acid re- 
peatedly gave negative results. 

To show that none of the nitrogen had been changed to am- 
monia, or to some other nitrogen base, with consequent formation 
of ammonium sulphate or a sulphate of the base, a part of the 
solution was distilled with calcium hydroxide. The distillate gave 
no alkaline reaction. 

From the foregoing experiments it was a legitimate inference 
that the hydrogen of the hydronitric acid had gone to form water, 
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and that the nitrogen had been given off as gas, either as free 
nitrogen, or one of its non-acid-forming oxides. 

During the titration experiments, described above, it had been 
observed that minute bubbles of the gas were slowly evolved as 
the decolorization took place. These were at first thought to 
be bubbles of hydronitric acid escaping from the solution as the 
result of the action of the sulphuric acid, until the use of stop- 
pered flasks with U-tubes, containing silver nitrate solution, 
proved the contrary. Shaking the flask during the progress of 
the reaction, even after decolorization was complete, caused a 
comparatively brisk evolution of gas to take place. 

The composition of the gas was determined qualitatively by 
collecting a quantity in a Hempel pipette, and treating it suc- 
cessively with the following series of reagents: Alcohol, water, 
caustic potash, alkaline pyrogallol, fuming sulphuric acid and 
cuprous chloride Contraction took place only after passing it 
through the alkaline pyrogallol. This indicated the presence of 
oxygen. The residues obtained by treating in this way gases 
evolved from reacting mixtures (of HN,, KMnO,, H,SO,) in 
which either the hydronitric acid or the potassium permanganate, 
respectively, was present in excess, showed no change in volume 
when mixed with either equal or double volumes of hydrogen, 
and subjected to the action of the electric spark in a Hempel 
explosion pipette. This showed quite conclusively that no oxides 
of nitrogen were present, a fact that already had seemed probable 
from the circumstance that no contraction had occurred in any 
case when the gas had been passed through alcohol or water. 
The residue, then, consisted of nitrogen. 

To ascertain the quantitative composition of the gas under 
different conditions (1. e., according as one or the other of the 
reacting substances was present in excess in the mixture from 
which the gas was evolved), portions were simply shaken with 
alkaline pyrogallol, and the volume measured before and after 
the operation. 

It was found, in general, that when the permanganate was 
present in excess the percentage of oxygen in the gas mixtures 
evolved was not very constant. The insoluble higher oxide of 
manganese that appears under these conditions is, therefore, 
in all probability, of variable composition. While the results of a 
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series of four experiments in which the permanganate was taken 
in excess vary in a way that seems to indicate that the ratio be- 
tween the amounts of hydronitric acid and potassium permanga- 
nate entering into the reaction in different cases is not a constant 
one under these conditions, still the data accord fairly well with 
the amounts indicated in the equation 


4KMnO, + 2H,SO, + 8HN, = 
2K,SO, + 4MnO, + 6H,O + 12N, + O,,. 

This equation is not far from agreement with the results of 
titration given in Table V under the heads 1a and 1b. These 
results were also obtained with permanganate in excess: 

When hydronitric acid was taken in excess, the results were 
more satisfactory. A series of experiments were made to deter- 
mine the ratio of nitrogen evolved to permanganate reduced, when 
hydronitric acid was in excess. The composition of the gas evolved 
was found to be 92 per cent. nitrogen (by volume) and 8 per 
cent. oxygen. Knorre and Arndt,’ in somewhat similar work on 
the oxidation of hydroxylamine by various agents, devised a 
special form of apparatus to serve the double purpose of meas- 
uring the gas evolved and preserving it free from air or other 
gases for subsequent analysis. In our work, however, this was 
not necessary, as the gas mixture, evolved under certain condi- 
tions in a Hempel pipette, was analyzed separately, without mak- 
ing any effort to measure the total volume. The total volume 
of gas evolved from a measured amount of the same reacting 
mixture, under similar conditions, was then measured in an or- 
dinary Lunge nitrometer. To ascertain the amount of nitrogen 
evolved, the volume of oxygen, calculated from the results of 
analysis, was subtracted from the total volume. In using the 
nitrometer care was taken to immerse the evolution bottle in a 
constant temperature-bath before each reading. During the re- 
action the bottle was frequently shaken to facilitate evolution of 
the gas. To test whether any appreciable quantity of the gases 
remained in solution, additional experiments were performed in 
which a small Erlenmeyer flask was substituted for the evolution 
bottle. One of the reacting substances was placed in the flask, 
and the other in a small test-tube standing upright within the 
flask. By inclining the flask, the two solutions were mixed. 

1 Ber. d. chem. Ges., 33, 30 (1900). 
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Aiter the reaction was complete, the solution was heated nearly 
to boiling, and then permitted to cool down to the initial tem- 
perature. The volume of gas evolved was not appreciably greater 
than when the evolution bottle was used and the solution not 
boiled. Therefore no appreciable amount of gas had remained 
in solution. 

In Table VI are given the results of a series of experiments 
showing the ratio, as obtained above, between nitrogen evolved 
and permanganate reduced when hydronitric acid is in excess. 


TABLE VI. 
Cubic Cubic Cubic Molecules 

Number of centimeters centimeters centimeters Ne per mole- 
experiment. KMn0O, taken. gas evolved. nitrogen evolved. cule KMnQ,. 

5. 24.6 24.7 22.9 4.54 

2; 25.0 25.1 23.1 4.56 

a 24.5 24.7 22:9 4.56 

4. 24.7 24.1 22.2 4.44 

5 22.4 22.2 20.4 4.49 

6. 20.2 20.1 18.5 4.51 


Average, 4.52 


From these results it will be seen that when hydronitric acid 
is in excess the ratio potassium permanganate: hydronitric acid 
is smaller than when the permanganate is in excess; that is, in 
the former case a given amount of permanganate will act upon 
more hydronitric acid than in the latter case. This conclusion is 
also indicated in a rough way by the results given in Table V, 
where we find the ratio to have smaller values when potassium 
permanganate is in excess than when equivalent amounts are 
taken, or when hydronitric acid: is virtually in excess. The 
following equation best represents the results given in Table VI: 


2K MnO, + 6HN, + 3H,SO, = 
K,SO, + 2MnSO, + 6H,O + 9N, + O,. 


To obtain a further check upon this equation the ratio between 
potassium permanganate and hydronitric acid (the latter in ex- 
cess) was determined by adding a measured amount of a stand- 
ardized solution of the former to a measured excess of the latter, 
and determining the excess of hydronitric acid by precipitation 
with silver nitrate in the usual way, after the reaction had taken 
place. The results of the two experiments performed are given 
in Table VII. 
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TABLE VII. 
Cubic Cubic Cubic Molecules 
Number of centimeters centimeters centimeters HN; per mole- 
experiment. KMn0Q, taken. HN; taken. HN; oxidized. cule KMn0, 
I 24.6 . 49.0 17:2 3.08 
2 25.0 48.8 16.7 2.94 


Average 3.01 


These results show close agreement with those given in Table 
VI, and point toward the same equation. Moreover, by com- 
bining the results of Table VI and VII it may be proved that 
under the conditions of the experiments no polymeric nitrogen is 
evolved, for if 1 molecule of permanganate oxidizes 3 molecules 
of hydronitric acid, as indicated by Table VII, causing the evolu- 
tion of 4.5 molecules of nitrogen gas, as indicated in Table VI, 
then for each molecule of hydronitric acid oxidized there are 
produced 1.5 molecules of nitrogen. Hence all the nitrogen of 
the acid appears as diatomic nitrogen. A density determination, 
made according to the method of Dumas, confirmed this con- 
clusion. 

Only one experimental fact is not in close accord with the above 
equation. Upon inspection of the equation it will be seen that in the 
mixture of gases evolved during the progress of the reaction there 
should be 10 per cent. (by volume) of oxygen and go per cent. 
of nitrogen. Experimentally, however, the mixture was found 
to contain about 8 per cent. of oxygen and 92 of nitrogen. No 
explanation of the error has been found, but it is not to be 
considered as sufficiently serious to cast doubt upon the validity 
of the equation as given above. 


It is apparent from the results of these experiments upon the 
reaction between hydronitric acid and potassium permanganate 
that the latter agent can not be used for the accurate quantitative 
determination of the acid. The results are of theoretical interest, 
however, because of the light that they appear to throw upon the 
structure of potassium permanganate, a subject that will be dis- 
cussed by the authors in a later paper. 


CORNELL UNIVERSITY, 
March, 1904. 
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CONCERNING CERTAIN COMPOUNDS OF CHROMIUM. 


By GEORGE O. HIGLEY. 
Received March 2r, 1904. 

THE compounds of chromium have been known for a long 
time and have been noted for the number of erroneous opinions 
that have prevailed in reference to their composition and constitu- 
tion. A green chloride was first prepared by Peligot,’ and as- 
signed the formula CrCl,,6H,O. Discovering, as he thought, 
that only two-thirds of its chlorine was precipitable, in the cold, 
by silver nitrate, he assigned to it the constitutional formula 
CrOCl,2HCl,5H,O. A little later, Lowel* obtained, by double 
decomposition between violet chromic sulphate solution and 
barium chloride solution, a second chloride in which all the chlo- 
rine was precipitable in the cold by silver nitrate. 

In 1885 Godefroy® demonstrated the existence of two other 
chromium chlorides. The first was obtained by keeping a sat- 
urated solution of the ordinary green salt for some days in a 
vacuum below +6°. This salt was found to have the composition 
represented by the formula CrCl,,10H,O. To the second salt, 
which was obtained by drying the ordinary salt in a vacuum 
over sulphuric acid, he assigned the formula CrCl,,4H,O. Still 
later Recoura* succeeded in preparing, by an improved method, 
the green chloride of Peligot. He also crystallized a violet chlo- 
ride which had been obtained only in solution by Lowel and 
found it to be isomeric with the ordinary green salt. Speransky 
investigated these salts with reference to their conductivity and 
showed that a solution of a violet salt possessed a much greater 
conductivity than that of a green salt of the same concentration, 
while Marechetti proved that something of the same difference 
existed between their effect in lowering the freezing-point of 
water. 

Up to this time much of the chemistry of these compounds 
remained obscure. Their molecular weights were not accurately 
known, that of the ordinary green salt having been given values, 
fluctuating between 200 and 300. Even the chemical composi- 
tion of both the violet and the green salt was in dispute, since to 
each were assigned the formulas CrCi,,6H,O and CrCl,,6%4H,O. 


1 Compt. rend., 19, 738. 

2 Ann. chim. phys., [3], 14, 246. 
3 Compt. rend., 100, 105. 

4 Jbid., 102, §15. 
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In 1900 there appeared the beautiful work of Gubser* in which 
these salts were subjected to a careful and thorough investiga- 
tion. They were prepared, in some cases, by new and improved 
methods and were examined with a view of determining their 
electrical conductivity, their molecular weight, and their chemical 
behavior. 

The molecular conductivity of the violet chloride at 0° was 
found to be constant at 174.7, showing that no further dissociation 
took place in the case of this salt; on the other hand, the con- 
ductivity of the green chloride CrCl,,6H,O, and its two deriva- 
tives, CrCl,,10H,O and CrCl,,4H,O, were found to be widely 
different from the preceding, but to agree closely among them- 
selves, as is shown by the following table: 


CrCl3,6H.2O. CrCl3,10H.0. CrCl3,4H.O. 
ie 0} ee er 50 49 50.5 


As the corresponding value for potassium chloride under the 
same conditions of dilution and temperature is 74, it is clear that 
the molecule of each of the green chlorides, at the moment of 
solution, consists of only two ions. However, the conductivity 
of each of these green solutions was found not to be constant, 
but to continually increase, tending after some days at 0° to 
become equal to the corresponding value for the violet chloride 
(174 approximately). The results of conductivity experiments 
at 25° were in harmony with those just given; that of the violet 
salt was found to be constant at 274; on the other hand, 
the conductivities of the three green salts were much lower at 
first, rapidly rising in each case, to values which closely approx- 
imated that found for the violet salt. 

The determination of the molecular weight by the Beckmann 
method gave results which were entirely in harmony with the 
preceding. The values were: For the violet chloride 76.3 


(7°57 — 66.6, calculated) ; for the ordinary green chloride 126 


(200-57 — 133.28, calculated). 


The chemical examination of these salts also yielded interesting 
results. The violet and the ordinary green salts were found to 


1 Inaugural Dissertation, Ziirich. 
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contain 6 molecules of water instead of 6.5 molecules, as claimed 
by Recoura. All the chlorine in the violet chloride was found 
to be precipitable at once by silver nitrate in the cold, while only 
one-third of the chlorine of each of the green salts was thus pre- 
cipitable. Here again was the most complete confirmation of 
the results obtained from the study of the electrical conductivity, 
vic., that the molecule of the violet salt has three chlorine ions, 
while those of the three green chlorides have, immediately after 
solution, only one each. Furthermore, it showed that Peligot 
vas in error in stating that two-thirds of the chlorine in the 
ordinary green chloride is precipitable by soluble silver salts in 
the cold. The formulas of the four salts are then written in 
accordance with Werner’s theory as follows: 


H,O H.O 
H,O Cr H,O 

Cr H,O Cl H,O|(H,O), 
H,O H.O Cl 
H,O Cl 
H,O Cl 

Violet salt. Green salt. 


The fact that the 2 molecules of water, and no more, can be 
removed from this salt by drying in a vacuum over sulphuric 
acid, is an additional reason for writing the formula in this 
manner. 

To the salt, obtained from the ordinary green salt, as just in- 
dicated, there was assigned the formula 


H,O 
H,O |Cl 
H,O ; 
Cr (H,O) 
(Cl), 


and to the salt with 10 molecules of water the formula 


(H,0), 

(H,0), 
Cr (H;0), + HO): 

(H,0),} ~ 


1, 
Further study showed that the ordinary green chloride differs 
from the violet in this respect also, that the former yields a com- 
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pound when treated with a solution of the ammonium salt of 
tetranitritodiaminecobaltnitrite, 


: NO,), }' OH, ),)° (NO,), )' 
ot ole [ ( = {cx ‘ {co F 
‘ (NH,), Cl, (NH;), 





while the violet chloride yields no such salt. 

Gubser also showed that the violet sulphate of chromium, 
Cr,(SO,);,18H,O, could be prepared from the solution of the 
violet chloride by direct precipitation with concentrated sulphuric 
acid, while this reaction could be obtained with the green salt 
only after the solution had been allowed to stand for some time, 
or had been boiled and cooled. 

On taking up this research at this point several matters pre- 
sented themselves for investigation: 

(1) The behavior of the green and the violet chlorides, re- 
spectively, toward chlorplatinic acid. 

(2) The nature of the change produced in violet chromium 
chloride on standing or on heating. 

(3) The possibility of preparing a violet chloride of chromium 
having doubled water molecules, Cr((H,O),),Cl. 

(4) The heat of solution of the green chlorides with 4 and Io 
molecules of water respectively. 

It is a well-known fact that the hydrates of the metallic salts 
form double salts with various acids. These compounds, with 
the chromium chlorides can, theoretically, be derivatives of either 
of two forms. 


(cr | or of (cr | , 


or of either of these with one or more doubled molecules of water 
in the complex. An example of the first class is the tetranitrito- 
diaminecobalt compound of Gubser, previously alluded to. De- 
rivatives of the second form given above were not known previous 
to the beginning of this work. 

Preparation of the Green Chromic Chloride according to Gub- 
ser.—A mixture of 100 grams of chromic anhydride and 400 cc. 
concentrated hydrochloric acid is boiled for an hour with a reflux 
condenser; the solution is then concentrated for one and a half 

















cr) 
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hours on a water-bath, while a rapid current of hydrogen chloride 
is passed through the solution. The heating is now discontinued 
and the current of gas kept up as long as bubbles of gas can be 
forced through the solution. Then the preparation is allowed 
to stand for from six to eight hours. The resulting mass is now 
rubbed with a little water, if necessary, and filtered as dry as 
possible by means of the pump; the crystals thus obtained are 
dissolved in an equal weight of water, filtered and saturated 
with hydrogen chloridé in the cold. The resulting green crystals 
are filtered out and dried for from one to two days over sulphuric 
acid. The last traces of hydrogen chloride are removed by thor- 
ough washing with dry acetone, after which the crystals are 
air-dried for the removal of acetone. The green chloride and 
chlorplatinic acid were dissolved in water in molecular propor- 
tions, 4 grams of the former to 7 grams of the latter, the solu- 
tion filtered, and placed in a desiccator over phosphorus pent- 
oxide. There soon separated thin rhombic plates, very soluble 
in water and in alcohol, nearly insoluble in acetone. These were 
filtered out, washed in acetone and dried on porous plates over 
sulphuric acid. (It was found out later that the substance could 
be readily obtained by simple evaporation of the mixture, men- 
tioned above, on a water-bath.) 


Analysis: 

0.375 gram, fused with sodium carbonate and potassium nitrate 
and precipitated with silver nitrate gave 0.5601 gram of silver 
chloride containing 0.1387 gram of chlorine equal to 36.99 per 
cent. total chlorine. 

0.5126 gram gave 0.7659 gram silver chloride = 37.05 per cent. 
chlorine. 

0.2897 gram gave 0.085 gram platinum = 29.34 per cent. 

0.479 gram gave 0.1406 gram platinum = 29.35 per cent. 

0.479 gram gave 0.0532 gram chromic oxide = 0.03638 gram 
chromium, or 7.6 per cent. 

0.2897 gram gave 0.0338 gram chromic oxide = 0.02305 gram 
chromium, or 7.95 per cent. 





Calculated for Found. 
Cr[((HzO)q)s]PtClh. » _ 
CHYOGHURE .o) <scciescsas 7.82 7.6 7.95 
Platinum. ..... cee cece 28.82 29.34 29.35 
CITING: co cicec cence oe+ 36.7 36.99 37.05 
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To determine the relation of the chlorine atom and of the chlor- 
platinate group to the molecule, a test was made of the action 
of silver nitrate solution on a solution of the salt. The resulting 
precipitate was silver chlorplatinate, mixed with a trace of silver 
chloride. The salt then, at the moment of going into solution, 
consists apparently of two ions, a PtCl,” group and a complex 
cation, which contains the chlorine atom; the latter becomes active 
only as it gradually becomes dissociated. To settle this point, 
precipitation reactions were carried out at 0°, according to the 
method of Peligot and Gubser. The determination of precipitable 
chlorine was made as follows: 

About 0.3 gram of the double salt was weighed out. One gram 
of silver nitrate was dissolved in 20 cc. of water in a small Erlen- 
meyer flask, 10 drops of concentrated nitric acid were added, and 
the solution cooled to 0°. At the same time the distilled water 
flask was immersed in a freezing-mixture and a portion of the 
water frozen. The substance was now washed into the silver 
nitrate with this water, the flask stoppered, shaken vigorously 
for a few seconds, and filtered. The filtration was made by the 
use of a hardened filter, and as rapidly as possible to avoid con- 
tamination of the chlorplatinate of silver by silver chloride pro- 
duced as a result of dissociation of chlorine from the complex. 
The residue of silver chlorplatinate was washed well with cold 
water containing a few drops of nitric acid, then with pure water, 
dried at 110° C. and weighed. The filtrate, which was at first 
clear, soon contained a precipitate of silver chloride, while no 
further precipitation of chlorplatinate took place. The filtrate 
was warmed to complete the precipitation of silver chloride, in 
which the chlorine was determined in the usual manner. The 
results were as follows: 


Calculated for 
( ((820)2)s) pect,, Found. 


_ hat 








—, 


Precipitable chlorine...... 10.48 10.55 10.04 


Titration according to the method of Peligot: A solution of 
silver nitrate was made up containing 0.00577 gram of silver per 
cubic centimeter and therefore equivalent to 0.00190 gram of 
chlorine per cubic centimeter. A weighed quantity of double salt 
was dissolved in a small amount of ice-cold water, a calculated 
volume of the silver nitrate solution quickly run in from a burette. 
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the solution shaken vigorously, and a few drops quickly filtered 
out and tested with a drop of silver nitrate solution. If the solu- 
tion remains clear it is proof of the fact that the silver salt, 
added at first, was more than sufficient to precipitate all of the 
PtCl, ions and chlorine ions present at the moment of addition. 
If, on the other hand, a precipitate is produced in the test solu- 
tion, it is proof that too little silver solution has been added from 
the burette. By a series of tests, the correct number can be ap- 
proached from each side and the correct value determined. The 
results are given in the following table: 


Salt. Vol. AgNO; Corresponding Per cent. 
ee; i Cl. 


Gram. weight Cl. Filt. + drop of AgNO. 
0.1644 9.5 0.01807 10.99 Remained clear. 

0.1821 9.5 0.01807 9.92 Ppt. of Ag,PtCl,. 

0.1443 8.1 0.01541 10.79 Immediate ppt. of AgCl. 


Calculated precipitable chlorine, 10.48 


The salt then is a derivative of a hypothetical chromic chloride 
of the formula 


(‘Cr BO) \0 
ior ql, 


with doubled water molecules in the complex, and its formula is 
(CrCl((H,O),);) PtCl,. 


We have here the first member of a new series of chromium 
compounds containing the radical 


‘i aie ; 
Cl 

Preparation of Violet Chromic Chloride (Recoura’s Method as 
Modified by Gubser).—Fiity grams of pure green chromic chloride 
are dissolved in 50 grams of water and boiled with inverted 
condenser for half an hour to convert it, as far as possible, into 
the violet salt. It is then cooled quickly to a point a little below 
o° and maintained at that temperature while a current of hydro- 
chloric acid gas is passed through it to saturation; the current of 
gas is continued for fifteen minutes longer, and then the flask 
is allowed to stand for some time in pounded ice. After the 
precipitate has settled, the clear liquid is poured off, the solid 
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matter washed out with a cold saturated hydrochloric acid solu- 
tion, filtered as dry as possible by means of the pump, and placed 
on porous plates over sulphuric acid; it is then washed with dry 
acetone to remove green chloride, and spread on porous plates 
to free it from acetone. The crystals are now dissolved in 20 
cc. of water, filtered, and reprecipitated with hydrochloric 
acid gas, the solution being meanwhile kept cool with cold water. 
The precipitation is completed at 0°. The crystals are now fil- 
tered out, washed well with dry acetone and dried on porous 
plates over sulphuric acid. This method is long and tedious, 
requiring, at certain points, a very careful regulation of tempera- 
ture; furthermore, the yield is not very satisfactory. In looking 
about for a violet chromium compound which could be used as 
the original substance in a shorter process, attention was directed 
to chrome alum, and it was decided to try the action of hydrogen 
chloride gas upon this compound, in the hope that the violet 
chloride could be directly precipitated. Accordingly, 10 grams 
of alum were dissolved in 55 grams of water and 5 cc. of hydro- 
chloric acid, and saturated with hydrogen chloride at +10° to 15°. 
The result was 4 grams of chloride containing a trace of potas- 
sium chloride and sulphate. This was dissolved in 6 cc. of water 
and reprecipitated at +10°. The salt was washed with dry 
acetone and dried over sulphuric acid; weight, 3 grams, or 60 
per cent. of the theoretical. The crystals were very large and 
perfect in form and were apparently pure. The analysis gave 
19.35 per cent. Cl. Calculated, 19.51 per cent. 


This experiment was repeated with double the amount of alum 
and yielded 7 grams of pure violet chloride or 66 per cent. of 
the theoretical. Since, however, the volume of solution to be 
saturated with hydrogen chloride was rather large, experiments 
were made to ascertain the solubility of chrome alum in hydro- 
chloric acid with a view of minimizing the labor of saturating 
the solution, while keeping the volume about the same as in the 
preceding experiments and thus avoiding the precipitation of 
alkali chloride and sulphate. It was found that 20 grams of alum 
dissolved in 80 cc. of concentrated hydrochloric acid and 20 cc. 
of water. 

Accordingly, the preparation was modified as follows: 250 
grams of chrom-alum were dissolved in a well-cooled mixture 
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of 1000 cc. of concentrated hydrochloric acid and 250 cc. of water, 
the solution was filtered and saturated with hydrogen chloride at 
+10° to 15°. The solution was now nearly colorless. The crys- 
tals, washed and dried in the usual manner, weighed 115 grams. 
They contained only a little potassium chloride and sulphate. 
The crystals were dissolved in 175 cc. of water and reprecipitated 
at 10°. The resulting salt weighed go grams, or 66 per cent. of 
the theoretical. While thus the improved process gives no better 
yield than the one previously tried, there is a very great saving 
of time. This method is believed to be a great improvement over 
that of Recoura. 

The Action of Heat on Violet Chromium Chloride —Gubser 
has noted that this salt, on standing, gradually becomes green. 
The only investigation that seems to have been carried out on 
this subject is that of this same worker who found that this salt, 
when heated to 100°, undergoes rapid and complete decompo- 
sition. 

It was at first attempted to expel a molecule of water from the 
salt with a view of ascertaining the character of the salt formed ; 
it seemed possible in this way to produce a salt having two chlo- 
rine ions: 


(Cr(H,O),)Cl, — H,O = (et 


However, as the salt, when heated at such a temperature as 
to lose water, seemed to suffer a marked change superficially, 
this method was finally abandoned and it was decided to heat 
the salt at such a temperature that little water would be lost, but 
that an exchange would, if possible, take place between the chlo- 
rine ions and the molecules of water in the complex. Theoreti- 
cally, this substitution could proceed in two stages: 


H,O),\ Cl, 
(1) (Cr(H,0),)Cl = (or s) G0) 
Violet chloride. Peligot’s chloride. 
: (H,0),\Cl_ (H,0),\Cl 
(2) (er Gy \'o (cr Cl, ) G0), 


Ordinary green chloride. 


(1) In order to determine the nature of the change 2.56 grams 
of the violet chloride were heated at about 70° for four hours. 
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Analyses for chlorine, precipitable at 0°, gave 29.06 and 27.7 
per cent. The differences in results are due to the different rates 
of filtration and the resulting variation in the amount of dissocia- 
tion of chlorine from the complex. 


(C(O), ) Cl, 


HO’ 26.6 per cent.; for 


Calculated for 


(cr(H,0),C1,) (#0), 13.3 per cent. 


(2) Two and nine-tenth grams of violet chioride were heated 
at 70° for four hours. Analysis for chlorine, precipitable at 0°, 
gave 206.8 per cent. 

Apparently, then, there had been a transformation of the violet 
chloride into a green chloride having only one atom of chlorine 
in the complex, consequently with two-thirds of its chlorine im- 
mediately precipitable by soluble silver salts in the cold. 


(Cr(H,O);)Cl, > “<a a 


It was possible, however, that the transformation of violet 
into green salt had been superficial, and that the substance ana- 
lyzed was not homogeneous, but a mixture of violet chloride 
having three chlorine ions and of the ordinary green chlorine 
with one chlorine ion. It is evident that a mixture of these two 
salts in approximately equal weights would have given the results 
obtained. In order to settle this point, some of the suspected 
mixture was treated with an excess of dry acetone, which is a 
solvent for the green salt, but not for the violet one. Some violet 
salt remained, showing that a mixture had actually been present. 
The acetone solution of the green salt was evaporated over sul- 
phuric acid and an analysis made of the resulting green crystals 
for chlorine precipitable at 0°. This gave 14.5 per cent. of chlo- 
rine. Calculated for ordinary green chloride, 13.3 per cent. 

The violet chloride was heated at from 65°-67° for fifteen 
hours; loss in weight, 0.0677 gram. The salt was now mois- 
tened with 1 cc. of absolute alcohol containing 3 or 4 drops of 
water to restore the water lost during heating; the salt was then 
spread on porous plates and placed in a desiccator without drying 
agent for some hours, after which it was pressed between filter- 
paper and analyzed. There was found, in the cold, 16.6, 15.56, 








or 
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and 15.29, and, on warming, a total of 39.29 per cent. of chlorine. 
There had been, then, a complete transformation of the violet 
into the ordinary green salt. 

A number of attempts were now made to prepare Peligot’s 
salt, having two-thirds of the chlorine precipitable, in the cold 
by a soluble silver salt. 

(1) The mixture of violet and green chlorides, obtained as 
stated above, by heating the violet salt, was dissolved in alcohol 
and then evaporated to crystallization over sulphuric acid. As 
there was present in the solution both the salt with one chlorine 
ion and that with three such ions, the intermediate salt, if capable 
of existence in solution, would be likely to be present. If now 
this intermediate salt were less soluble in alcohol than either of 
the others, then, on evaporating the alcohol, this salt might be 
obtained. 

The analysis of crystals gave the following results: 14.57 per 
cent. of chlorine at o°. 

Thus the ordinary green chloride was obtained and not the one 
described by Peligot, showing that the former is less soluble in 
alcohol than the latter. 

(2) Violet chloride was dissolved in water (1 gram salt in 2 
grams water) and evaporated over sulphuric acid. 

Analysis of the green crystals obtained gave 15.02 per cent. of 
chlorine at 0° and 24.49 per cent. on warming; in all 39.51 per 
cent. 

Here again the ordinary green salt was obtained. 

(3) Five grams of green chloride were dissolved in 5 cc. of 
water and heated to boiling to convert it in part into the violet 
modification : the intermediate form, if capable of existence, should 
be present here. ‘The solution was now cooled quickly, 25 cc. 
of alcohol added, then an excess of ether, the lower layer drawn 
off, reprecipitated with ether and evaporated over sulphuric acid. 

Analysis for chlorine, immediately precipitable at 0°, gave 
16.88 per cent., and 23.24 per cent. additional was obtained on 
standing, or 40.12 per cent. in all. It will thus be seen that the 
ordinary green chloride is less soluble in water, ‘alcohol, acetone 
ana ether than is the salt with two chlorine ions and probably 
always separates instead of the latter. Hence, Peligot could 
scarcely have obtained the salt, two-thirds of whose chlorine is 
immediately precipitated in the cold. 
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Violet Chromium Chlorine swith 12 Molecules of Water, 
(Cr((H,0)2)6) Cl. 


—According to Werner's theory, water has a marked tendency 
to enter into the hydrates in the form of double molecules. Thus, 
in the alums, the trivalent metal atom is considered the central 
atom of a complex which contains in addition six doubled water 
molecules; salts of the type of chromium and aluminum sul- 
phates also contain such molecules. Again, the constitution of 
the green chromic chloride with Io molecules of water is best 
explained on the theory that the green salt with 6 molecules of 
water takes up, in neutral solution, below +6°, four additional 
water molecules, forming a complex containing four doubled water 
molecules in addition to two chlorine atoms. It seemed probable 
that the corresponding violet salt is capable of existence in the 
crystalline form and that it could be prepared by properly cooling 
a saturated solution of the ordinary violet salt, 


(Cr(H,O),)Cl, + 6H,O = (Cr((H,O),.),)Cl;. 
Accordingly, a solution was made in the proportion of 2 grams 
of violet salt in I gram of water and this was gradually cooled 
with frequent stirring to —18°. Neither salt nor ice crystals 
separated; the tube was now surrounded with solid carbon di- 
oxide and ether and cooled; no salt crystals were obtained. 
Heat of Solution of 


an Tb), and of (ose) Cl. 


2 


—The heat of solution of the ordinary violet and green chlorides 
had already been determined by Recoura as +12.02 K and 
—o.04 K respectively. It seemed of interest, therefore, to deter- 
mine, also, that of the two modified green salts, 7. ¢., to deter- 
mine the heat of hydration in the second case, and the effect on 
the heat of solution of doubling the water molecules of the com- 
plex in the first compound. 
Preparation of the Green Chloride 


Po _ ee) : 


—The green chloride with 6 molecules of water was dissolved 
in water (I part water to 2 parts of salt), filtered, and the filtrate 
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placed in a freezing-mixture. The large prismatic crystals which 
separated were filtered out, dried between filter-paper and ana- 
lyzed, giving 15.30 per cent. of chromic oxide. Calculated, 15.38 
per cent. 

Two determinations were made with the following result: 


Substance. 
Grams. Water. 
7.39 100, No temperature change could 
2.95 50) be detected. 


We have here, evidently, a salt with approximately zero heat 
of solution; comparing this result with that obtained by Recoura 
for the ordinary green salt (—o.02 K per gram-molecule), it is 
evident that the doubling of the water molecules of the complex 
has only a slight effect on the heat of solution. 

Heat of Solution of the Chloride with 4 Molecules of Water.— 
This salt was prepared in the usual manner from the green salt 
with 6 molecules of water, by keeping it in a vacuum over sul- 
phuric acid for thirty days. 

Analysis of the resulting salt gave 22.4 per cent. of chromium. 
Calculated for 

(“oo Cl, 22.6 per cent. 
CA, 
DETERMINATION OF HEAT OF SOLUTION. 
bai ag of Weight of Water equivalent 


water. of calorimeter. Heat of 

Grams. Grams. Grams, Rise solution. 
1.58 100 7.72 0.53 83.37 K 
6.05 100 "92 2.06 84.56 K 


Since the salt formed here is undoubtedly the green chloride 
with 6 molecules of water and goes into solution above +6° as 
such, the value found here is practically the heat of hydration of 
the green chloride with 4 molecules of water, or the heat evolved 
in the addition of 2 gram-molecules of water to I gram-molecule 
of the green salt having 4 molecules of water. 

Cr(H, Cr(H, HO), ., 
(aD set + att.0 = (SGD) Sep” + 
(83.961 K + 0.02 K). 

Preparation of Violet Chromic Bromide (Cr(H,O),)Br;.— 

The preparation of this compound, according to the method of 


1 Average value obtained. 
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Recoura, is even more tedious than that of the violet chloride; 
it, therefore, seemed desirable to ascertain whether it is prac- 
ticable to prepare it by direct precipitation from chrom-alum. 
However, while enough was done to show that this method could 
be employed, it was finally decided to begin with the violet 
chromium sulphate.1 Accordingly, 6 grams of this substance 
were dissolved in 15 cc. of water and saturated with hydrobromic 
acid gas at +10°C. Even at this dilution the sulphate salts out 
somewhat, but for the most part goes into solution again on 
stirring. The precipitate was filtered out and treated as directed 
by Recoura; the weight of the crystals was 3.4 grams, nearly 
sulphate-free. 

Five grams of sulphate were dissolved in 20 cc. of water and 
treated as in the preceding experiment. The weight of the 
crystals was 3 grams of practically pure violet bromide. While 
no further work was done to perfect this method, it is believed 
that it could be made to vield even better results. 

Violet Chromic Iodide.—The literature of this substance is very 
slight. Moissan,? in a brief discussion of the preparation and 
properties of chromous iodide (CrI,), alludes to chromic iodide 
(sesquiiodtire) as vielding chromous iodide on reduction by hy- 
drogen. Up to the present time it has been known only in so- 
lution. 

The most feasible method for the preparation of this substance 
seemed to be that by double decomposition between violet 
chromium sulphate and barium iodide. 

Gubser has shown that the violet sulphate may be precipitated 
from the solution of the violet chloride or bromide by the addition 
of excess of concentrated sulphuric acid in the cold. This sug- 
gested the possibility of directly precipitating the violet sulphate 
from chrom-alum. 

Preparation of Violet Chromic Sulphate from Chrom-alum by 
Direct Precipitation by Means of Concentrated Sulphuric Acid.— 
Preliminary experiments showed that sulphuric acid precipitates 
the sulphate from a saturated solution of chrom-alum (1 part 
alum to 6 parts water); however, much better results were ob- 
tained if the alum was dissolved in 30 per cent. sulphuric acid. 


1 Prepared according to the method which is described later. Compt. rend., 102, 
548 (Gubser: Loc. cit., 40). 
2 Ann. Chim., [5], 25, 409 (1882). 
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Accordingly, 100 grams of alum were dissolved in a cooled mix- 
ture of 100 cc. of sulphuric acid and 330 cc. of water, the solu- 
tion filtered and 250 cc. of concentrated acid slowly added at 
+15 to +20 with thorough stirring. The crystals were filtered 
out, washed well with alcohol and dried; weight, 66 grams. 

(1) Thirty-three grams of these crystals were dissolved in 
125 cc. of water and 125 cc. of concentrated sulphuric acid added; 
weight of the dried crystals, 17.5 grams. The analyses gave 
14.38 per cent. chromium. Calculated for Cr,(SO,),,18H,O = 
14.54 per cent. 

(2) The remaining portion (33 grams) was dissolved in 33 cc. 
of water and precipitated with 75 cc. of alcohol; weight of the 
crystals obtained, 18 grams. The analysis gave 14.61 per cent. 
of chromium. 

The method was now varied somewhat in that diluted hydro- 
chloric acid, instead of sulphuric acid, was employed as a solvent 
for the alum. 100 grams of alum were dissolved in a cooled 
mixture of 300 cc. of water and 100 cc. of concentrated hydro- 
chloric acid, and 225 cc. of sulphuric acid were added at +10° 
to +15°. The yield was 55 grams, or 77 per cent. of the theo- 
retical. The analysis gave 14.35 per cent. chromium. 

Preparation of Violet Chromic Iodide from Violet Chromic Sul- 
phate and Barium Jodide.—12.3 grams of barium carbonate were 
suspended in 30 cc. of water, and hydriodic acid gas was passed 
in until solution was effected; 14.5 grams of violet chromic sul- 
phate (thrice precipitated) were added, thoroughly stirred, a 
trace of sulphate was titrated out, and filtered. The concentrated 
solution was violet, the dilute solution greenish. A little of the 
solution, heated to 40° on the water-bath, became brownish, due, 
no doubt, to the formation of a basic salt, since the solution gave 
no test for free iodine. A portion of the iodide solution, placed 
over sulphuric acid in a desiccator, formed a gummy mass. The 
remainder of the solution was saturated with hydriodic acid at 
about 10°. Considerable difficulty was experienced at first in 
inducing crystallization and this led to attempts to precipitate the 
iodide directly from the sulphate ard the chloride. In each case, 
however, the precipitate was the sulphate mixed with a trace of 
iodide. 

Renewed attempts were therefore made by the original method, 
and these were finally successful. The crystals were filtered as 
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dry as possible, and washed well in dry chloroform in which they 
were practically insoluble, then spread on porous plates and placed 
over sulphuric acid. 


The crystals are a very deep violet, almost black; the pulver- 
ized substance, however, is olive-green. They are quite hygro- 
scopic and are soluble in alcohol. They are also, like those of 
the bromide, quite soluble in acetone (distinction from violet 
chloride). 

The analysis gave 8.57, 8.8, 8.7 and 9.05 per cent. of chromium, 
and 63.93 and 64.1 per cent. of iodine. Calculated for 
(ort f),)4,: Cr, 96: 1, poe; for (C(O: 4Cr, Bs: 
I, 63.99. 

The salt, on standing, shows a tendency to decompose, separa- 
ting hydriodic acid. 

A second sample was made, as previously stated, except that 
the saturation with hydriodic acid was much less rapid toward 
the close, and the crystals much larger, some of them being nearly 
a centimeter in length. These were dried over solid caustic potash. 
The analysis gave 8, 5, 8.89 and 8.76 per cent. chromium, and 
63.63 and 63.94 per cent. iodine. 

This substance then apparently contains three doubled water 
molecules in the complex and its formula is 


H,0),) 
er(¢ Set “ : 
( (H,0), /° 

It is interesting to note that Varenne’ has produced, by the 
action of hydrobromic acid on ammonium or potassium tri- 
chromate and cooling the solution to 0°, crystals of a violet 
bromide having the composition CrBr,.8H,O. This substance, 
like the iodide, is greenish in dilute water solution. 

The iodide is evidently not isomorphous with the violet chloride 
and bromide. A crystallographic study of the iodide is desirable, 
but the crystals obtained were not sufficiently perfect to render 
such a study practicable. 

Determination of the molecular weight by the Beckmann 


method : 
1 Compt. rend., 93, 727. 
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Weight of Weight of 
water, substance. Molecular 
Grams. Grams. Depression. weight. 
(1) cccccesece 14.46 0.8475 0.665° 165.5 
(2) ececcccece 14.46 1.4275 1.1205° 163.0 
(3) -secccccee 14.46 1.4275 1.1265° 162.1 


In order to test the stability of this substance in solution, the 
lowering of the freezing-point was redetermined after the solution 
had stood at ordinary temperature for forty-eight hours. The 
result is given in No. 3, above. 

The calculated molecular weight is m6 148.6. 

The Double Fluorides of Chromium with Zinc and with Cop- 
per.—The interesting double fluorides of vanadium and chromium 
respectively with cobalt, nickel and mangenese, have been studied 
by Christensen and by Peterson.1 The double fluoride of vana- 
dium and cobalt was prepared as follows: Vanadium trifluoride 
was added to a solution of cobalt carbonate in hydrofluoric acid. 
The crystals which separated were purified by recrystallization 
from water, but were too small for accurate crystallographic 
study ; however, on crystallizing slowly from dilute hydrofluoric 
acid solution, beautiful, large crystals were obtained and meas- 
ured. Analysis showed that the proper formula is CoF,VF,;,7H,O 
or (Co(H,O),) (VF;(H,O)). 

This salt was found to be very stable toward heat, no water 
being given off below 200°. The double fluorides of chromium, 
with cobalt and nickel, respectively, were now prepared by a 
method analogous to that employed in the preparation of the 
cobalt vanadium salt, and were found to have an analogous com- 
position, viz., 


(Co(H,O),) (Cr(H,O)F,) and (Ni(H,9),) (Cr(H.O)F,). 


and to be isomorphous with that substance. The corresponding 
manganese salt had already been made by Christensen. It was 
thus shown that cobalt, nickel and manganese form, with vana- 
dium and chromium, compounds which are analogous in respect 
to preparation, composition, crystalline form, and behavior on 
heating. The double fluorides of vanadium with zinc and copper 
were also prepared by Peterson, but were not closely investigated. 
1 J. prakt. Chem., 40, 44. 
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Experimental Portion.—It was decided to prepare and examine 
the double fluorides of chromium with zinc and with copper. 

The zinc salt was prepared according to the method of 
Peterson by bringing together, in hydrofluoric acid solution, 
molecular quantities of chromic fluoride and zinc fluoride and 
evaporating to saturation on the water-bath. The resulting crys- 
tals were twice recrystallized from hydrofluoric acid solution. 

The analysis was made as follows: A weighed quantity of the 
double salt was decomposed in a platinum dish with concentrated 
sulphuric acid. The chromium was then oxidized by means of 
nitric acid and potassium chlorate, the zinc precipitated as car- 
bonate and weighed as the oxide. The chromate was now re- 
duced and the chromium determined in the usual manner as oxide. 

A sample was heated at 200° to determine loss of water. 

The result of analysis was: Zinc, 20.08 and 19.5 per cent. in 
the first sample and 19.46 per cent. in the second; 15.8 per cent. of 
chromium in the first and 15.5 per cent. in the second; and 35.6 
per cent. of water at 200°. Calculated for (Zn.(H.O),) 
(CeF,H,O): Zn, 19.29; Cr, 15.4; H,O, 37.2 per cent. 

The salt is analogous in composition to the salts of Peterson 
and Christensen; however, the water is expelled, to some extent, 
below 200°. 

Copper Chromium Fluoride.—This salt was prepared, like the 
preceding, by concentrating, on a water-bath, a solution of molec- 
ular proportions of chromic and copper fluorides in hydrofluoric 
acid. It was twice crystallized from hydrofluoric acid. 

The analysis gave 21.3 per cent. copper, 17.5 and 17.2 per cent. 
chromium, and 28.8 per cent. of water at 200°. Calculated for 
(Cr(H,O)F;) (Cu(H.O),) : Cu, 21.18; Cr, 17.2; HO, 29.5; for 
(Cr(41,0)F,)(Ca(H,0),): Cu, 18.7; Ce, 15.4; HO, 37-2. 

The composition of this salt, then, is not analogous to that of 
the chromium zinc salt, since this contains only 5 and not 7 mole- 
cules of water of crystallization. This is in harmony with what 
is known in regard to the capacity of the other copper salts to 
take up water of crystallization. In hydrated salts of copper, in 
general, the codrdination number of the copper in the complex 
is 4. 

Chromic Acetates—Our knowledge of these interesting com- 


pounds is mainly due to Recoura.! This investigator prepared 
1 Compt. rend., 129, 209. 
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a solution of the normal salt by double decomposition between 
the violet chromium sulphate and barium acetate. He considered 
the salt thus obtained normal, since (1) all the chromium was 
immediately precipitated by fixed alkali in the cold, and (2) the 
heat of neutralization of the salt by sulphuric acid was exactly 
equal to that of sodium acetate by the same acid, viz., 12.17 
calories. 

The freshly prepared solution of this salt was green, but 
changed, on standing, successively into three salts in which 1, 2, 
and 3 molecules of acetic acid are present in the complex, or in 
direct combination with the chromium. In each of these abnormal 
forms he found the chromium non-precipitable by sodium hy- 
uroxide in the cold. Recoura finally prepared the normal acetate 
in the solid state by dissolving freshly precipitated chromic hy- 
droxide in the calculated amount of glacial acetic acid, drying 
well with the pump, and completing the drying on porous plates. 
The substance was a lilac-gray powder forming a yellowish green 
solution. As a result of a gravimetric determination of the chro- 
mium and a volumetric determination of the acetic acid, Recoura 
assigned to this substance the formula Cr(H,O),(C,H,O,),. 
Now there is some reason for believing that while this salt was 
normal in solution, the solid was not really normal; in the first 
place, the solid substance obtained was not crystalline, but 
amorphous; and in the second place the salt should probably have 
had 6 and not 5 molecules of water. It seemed of interest, there- 
fore, to prepare, if possible, the normal acetate in the crystalline 
form with a view of settling its composition and properties. Ac- 
cordingly, 11.2 grams of lead acetate were dissolved in I0 ce. 
of water, 7 grams of the violet sulphate added, stirred thor- 
oughly, and filtered as quickly as possible. The solution was 
greenish blue by reflected light and violet by transmitted light. 

An attempt was made to precipitate the normal salt from this 
solution by means of glacial acetic acid, but the salt came down 
as a slimy mass; this method was therefore abandoned. 

A portion of the solution was cooled to 0° C., and after many 
unsuccessful attempts to induce crystallization, a few beautiful 
blue-violet crystals were obtained. These were filtered out, spread 
on a porous plate and placed in a desiccator over glacial acetic 
acid to minimize loss of acid. After some hours they were 
pressed between filter-paper and analyzed. There was found 
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by titration 51.9, 51.82 and 50.8 per cent. of acetic acid; and by 
precipitation 15.99 per cent. of chromium. Calculated for 
(7.0), ) (CBO,),: Ce, Has: CHO, sha: tor 
(Or AS4O),)(C21,0,),: Ce, 15.4: CB D,, 58s. 

These results are not conclusive. The salt had evidently lost 
acetic acid. The chromium was thus brought too high. The 
results, however, indicate that this acetate has 6 instead of 5 
molecules of water. 

Numerous attempts were subsequently made to prepare this sub- 
stance, in part using lead acetate and violet sulphate, and later 
silver acetate and violet chloride; in only one instance did suffi- 
cient crystals separate for an analysis, and these were lost in the 
following manner: Acetate crystals, to the weight of about 1 
gram, separated from the solution at +2°C. To increase the 
yield, the flask was surrounded with crushed ice and allowed to 
stand in the ice-chest for some hours; when it was again ex- 
amined it was found that most of the crystals had disappeared. 
The explanation of their disappearance is probably this: The 
original solution was, of course, at first, supersaturated with the 
normal salt at the temperature of the experiment; however, the 
concentration of this salt was continually diminishing, owing to 
the somewhat rapid formation of the abnormal salts described 
by Recoura; the solution finally reached the state of unsaturation 
with respect to the normal salt and the crystals began to dissolve. 

All succeeding attempts to prepare this salt in quantity have 
been unsuccessful; it is hoped, however, that the substance may 
again be obtained and further investigated. 

The writer desires to acknowledge his indebtedness to Prof. A. 
Werner for his active interest in this work. 


UNIVERSITY OF MICHIGAN, 
ANN ARBOR, MICH., 
February 24, 1904. 


ON THE NON-EXISTENCE OF ARSENIC PENTACHLORIDE. 
By WARREN RUFUS SMITH AND JOSEPH E, HORA. 
Received April 6, 1904. 
By PASSING an excess of chlorine into arsenic trichloride cooled 
at —34°, and then allowing the temperature to rise to —30°, 
Baskerville and Bennett? obtained a substance which contained 


1 This Journal, 24, 1070. 
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approximately 5 atoms of chlorine to I of arsenic, and which they 
assumed to be arsenic pentachloride. We have determined the 
freezing-points of mixtures of chlorine and arsenic trichloride 
and find that there is no reason for assuming that the substance 
containing arsenic and chlorine, in the above ratio, is anything 
other than a solution of chlorine in arsenic trichloride. 

The freezing-points of solutions of chlorine in arsenic trichlo- 
ride fall regularly up to a solution containing 9 atoms of chlorine 
to 1 of arsenic. From a solution containing 1 molecule of chlo- 
rine to 1 molecule of arsenic trichloride solid begins to separate 
at —48°, but the substance does not freeze as a whole, liquid still 
remaining at —70°. The solid which separates from all mix- 
tures which we have studied seem to be arsenic trichloride; so 
we conclude that arsenic pentachloride is not formed by bringing 
together arsenic trichloride and chlorine in the required propor- 
tions at low temperatures under atmospheric pressure. 

The method employed was to place a quantity of carefully 
purified arsenic trichloride in a large test-tube, fitted with a cork 
carrying two tubes. This was cooled in a bath of ether and car- 
bon dioxide while dry chlorine was passed into the arsenic tri- 
chloride. At intervals the test-tube was removed from the bath, 
the cork and delivery tubes replaced by a thermometer and 
a small pipette, and the tube placed in a colder bath of ether and 
carbon dioxide. As soon as a moderate quantity of solid had 
separated the tube was taken out of the bath and its contents 
stirred continually with the thermometer while the temperature 
rose till all solid had disappeared. The temperature at which the 
last crystals disappeared was taken as the freezing-point of the 
mixture. The procedure was varied in some cases by allowing 
chlorine to boil off from a solution containing an excess, and 
then determining the freezing-point as above. As soon as 
the freezing-point had been determined, a small amount of the 
liquid was removed by means of the pipette and allowed to flow 
into an excess of normal sodium hydroxide solution contained in 
a liter bottle, which was stoppered as soon as possible after the 
solution was added. There seemed tc be no considerable loss of 
chlorine during this addition except in the case of the solution 
containing the most chlorine. Here the figures are probably 
slightly inaccurate. To a measured portion of the alkaline 
solution sulphur dioxide was added and the arsenic determined 
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by titration with iodine after acidifying with sulphuric acid and 
boiling off the sulphur dioxide. Another measured portion was 
added to an excess of standard silver nitrate solution, strongly 


Atoms Chlorine per Atom Arsenic. 
ST 6 7 8 


~~ mae we oo 


0 





e@ra-cd,ture, 
9 


Te m- 


acidified with nitric acid. This was boiled, filtered, and the excess 
of silver titrated with standard potassium thiocyanate. Several 
samples were checked by gravimetric determinations of silver and 
arsenic. A rough control of the ratio of arsenic to chlorine was 
kept, in some cases, by means of the total weights. 

Results.— 


Freezing-points. Ratio of As. to Cl. 
ic acciehetaa sok oe +S =e alwicies —16.2° I 33.00 
r Peo oe —22.8 Big ar 
3 —36.4 £4.23 
, ee —42.5 I °4.§7 
5:- —45.4 1:34.91 
Bac —48.o I 35.00 
Foe —53.0 1 36,24 
Bisce1010.0:5'0 210:.0's:00ieisieeis.ceeeeee, — 54.5 I :6.40 
Qeccccccccesscccccccsseces —59.5 1 :8.99 
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A solution, containing more chlorine than No. 9, was cooled 
to —72° with no separation of solid. Several samples, including 
No. 6, were cooled to —7o”~ and in no case was there complete 
solidification. From Nos. 4 and 8 a portion of solid was re- 
moved by means of a glass scoop, rinsed with petroleum ether 
cooled to —70°, transferred to alkali, and the ratio As: Cl de- 
termined. In the material obtained from No. 4 it was I: 3.3; 
from No. 8, 1:4. The outside of the mass of crystals was white 
after rinsing in each case and, in our opinion, they were arsenic 
trichloride contaminated by mother-liquor containing an excess 
of chlorine. 


LEWIS INSTITUTE, CHICAGO, 
March, 1904. 


[CONTRIBUTION FROM THE HAVEMEYER LABORATORIES OF COLUMBIA 
UNIVERSITY No. 95. ] 
ON THE COMBINATION OF A SOLVENT WITH THE IONS. 
(PRELIMINARY PAPER. ) 
By J. LIVINGSTON R. MORGAN AND C. W. KANOLT. 
Received April 1, 1904. 

As a result of the electrolysis of a solution of silver nitrate and 
pyridine in water, a loss of pyridine has been observed at the 
anode and a corresponding gain of pyridine at the cathode. By 
similar experiments with cupric nitrate and water, dissolved in 
alcohol (which, owing to experimental difficulties, are to be re- 
garded only as preliminary) the quantity of water has been found 
to decrease at the anode and to increase at the cathode. 

These experiments indicate that in such mixed solutions some 
of the ions combine with one of the solvents to form complex 
ions, which go through the solution and break up at the elec- 
trodes. The silver is accompanied by pyridine; the copper by 
water. If the negative ions are also so combined, the changes in 
concentration observed give only the differences between the 
amounts carried by the positive and by the negative ions. 

The formation of such ionic complexes in mixed solvents leads 
to the conclusion that they also exist in solutions in one solvent; 
or, in other words, when a substance ioniszes in going into solu- 
tion, the ions, one or both, attract a certain amount of the solvent 
and form complex ions with it. 
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Applying the law of mass action to an equilibrium in which 
these complexes of ions and solvent are present, very striking 
results are obtained, as will be observed by a glance at a few of 
the possible cases: 

I. Complex ions are formed from the simple ions, but neither 


condenses. 
If MA is the salt and S the solvent, we have 


MA+ (e+-4+2)S = Ms8+ AyS +38, 
and assuming C, as the concentration (in moles per liter) 
of undissociated portion, and C, that of one of the ions, then, if 
x and y are small as compared with ¢, 


C? 
= constant ; 
C, 
i. e., Ostwald’s dilution law, as would be obtained if there were 


no combination. 
II. Two ions of one kind unite with the solvent to form one 
complex ion; 1. @., one ton condenses, the other does not. 


oMA +(+ + ay + 2)S = M,x8 + 2(AyS) +28, 
where y may or may not be zero. We have then 
C,(2C;)’?_— G 
a 
i. e., van’t Hoff’s' (form of Rudolphi’s?) empirical dilution law, 
which holds for strong electrolytes, but which has never been 
satisfactorily accounted for. 
III. Both ions condense. 
If M is bivalent, 
++4++4+ —_— 
2MA,+ (4+ 2y+2)S = M,.*S8 + 2A,.yS + 28, 
and we have the van’t Hoff form again as in II. 
The value of n in the general dilution law, 


= constant ; 


nm 


— = constant,’ 

C, 
then depends upon the ionic combinations which are present in 
the solution. The slight variation observed in the value of for 


1 Ztschr. phys. Chem., 18, 300 (1895). 
2 Jbid., 17, 385 (1895). 
® Bancroft: /drd., 31, 188 (1899). 
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any one substance is probably due to the further dissociation of 
the complex ion, which may even become complete, or to the pres- 
ence of small quantities of complex ions of different form, or, in 
concentrated solutions, to the variation in the amount of free 
solvent available. To this breaking-down of the complex ions is 
probably due also the variation in the speed of migration of the 
ions with the dilution. The existence of such complexes also 
accords with the presence of solvent of crystallization in many 
salts. 

It will be observed that this is simply a modification of the 
ionic theory and takes nothing away from it. In fact, it appears 
to condition only those portions of the theory which have hitherto 
failed to hold. 

Work is being continued upon these lines in this laboratory, 
and will be reported upon as soon as possible. 


LABORATORY OF PHYSICAL CHEMISTRY, 
March 31, 1904. 


{CONTRIBUTION FROM THE BUREAU OF CHEMISTRY, U. S. DEPT. OF 
AGRICULTURE, NO. 54.] 
COFMPARISON OF METHODS FOR THE ESTIMATION OF 
SOIL ACIDITY. 


By F. P. VEITCH. 
Received April 7, 1904. 

WITHIN the past year and a half two new methods have been 
proposed for the estimation of the acidity of soils. These are 
the sodium chloride method devised by Hopkins, Pettit and Knox,* 
and the lime-water method devised by the writer.” 

Considerable work has been done with both these methods dur- 
ing the past year, and many of the data obtained have been in- 
corporated in the report of the referee on soils and presented 
to the Association of Official Agricultural Chemists at the twen- 
tieth annual meeting. 

Broadly speaking, no more striking proof of the importance 
of maintaining an alkaline reaction of the soil is needed than is 
furnished by those soils which have become famous for their 


1 Bull. 73, Bureau of Chemistry, U. S. Dept. of Agr. 
2 This Journal, a4, 1120 (1902). 
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persistent fertility under exhaustive cultivation. The loess soils, 
“regur” of India, “Tschernoseun” of Russia, chalk of England, 
basalt of the far northwest, prairie of the middle west, “‘blue- 
grass” of Kentucky and Tennessee, and the limestone valleys of 
the east—are soils which are recognized as being the most fertile 
in their respective localities, and have maintained their pre- 
éminence in fertility, in some cases, for thousands of years. These 
soils are all alkaline in reaction. The history of liming furnishes 
more general evidence upon the value of an alkaline reaction of 
the soil as one of the chief economic factors in crop production. 

In the growing realization of the injury due to acid soils and 
in the recognition of the wide-spread occurrence of such soils, 
the attention of chemists has been directed to methods for the 
recognition, estimation, and study of soil acids. Most methods 
which have been proposed for this purpose have proved unsatis- 
factory, analytically, but the two above-mentioned appear worthy 
of further study. 


PARTIAL OR COMPLETE NEUTRALIZATION OF ACIDITY. 


Before proceeding to the discussion of these methods, a moment 
may be given to a consideration of the foundation question which 
determines the applicability of any proposed method. Briefly 
stated, it is this: How completely must the apparent acidity of a 
soil be neutralized that its fertility or the vield of crops may not 
be directly or indirectly reduced from this cause? If the total 
acidity of a soil were due entirely to a more or less readily solu- 
ble acid or acid salt the problem would be much simplified, but, 
as will be shown, there is evidence that this is not so, but that we 
are dealing with several kinds of “acidity” which affect fertility 
very unequally. It is evident that this question must be answered 
before a final conclusion can be reached with regard to the most 
suitable method to be used in estimating acidity. 

As a basis for work on this problem, two standards by which 
to test proposed methods are available. We may aim to neutralize 
the apparent acidity so completely that finally the soil has a 
faintly alkaline reaction, or we may aim to neutralize only so 
much of the apparent acidity as reduces the crop yield of acid 
sensitive plants. To use any particular plant, red clover for in- 
stance, as a standard would necessitate the experimental demon- 
stration of its sensitiveness on many different soils and under 
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many different conditions. There are so many factors affecting 
the sensitiveness of any given plant to acids (to say nothing of 
the widely different resistance of different kinds of plants), such 
as the nature of the acids, the presence of neutral lime salts, of 
injurious metallic salts, quantity of available plant food, mois- 
ture, activity of bacteria and fungi, etc., that such a standard 
seems almost impracticable. Nevertheless, in a consideration of 
the farm practice of any given locality the behavior of the least 
resistant crop grown may be, at least, tentatively, the economic 
standard by which to determine the maximum acidity the soil 
may have. 

In the following discussion of the increase in crops, due to 
more or less complete neutralization of acids, it is to be borne 
in mind that most crops offer considerable resistance to acid 
soils. Indeed, the yields of some crops are practically unaffected 
on land so acid as to be barren of very sensitive plants, particu- 
larly when neutral lime salts are present. This is shown by the 
figures given in Table I and has been demonstrated in a practical 
way by the work of the Rhode Island Station, where the soils 
are exceptionally acid, so acid, indeed, as to reduce the yield of 
most crops. The production, therefore, of maximum yields of 
such resistant crops on partially neutralized land is not evidence 
that such partial neutralization is sufficient for the maximum 
yield of all farm crops, nor that it is the most economic in general 
farm practice. 





TABLE I.—STRENGTH OF ACIDS JUST PERMITTING GROWTH OF SEEDLINGS, 
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1 Kalenberg and True : Bot. Gaz., 22, 89 
2 Heald : Bot. Gaz., 2a, 125. 
3 Cameron and Breazeale : /. Phys. Chem., 8, 1 (1904). 
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With reference to these figures it is to be remembered that 
they do not represent the toxic limit of plants grown under field 
conditions in which the presence of plant food and other salts, 
particularly lime salts, raise the toxic limit greatly. It seems 
possible that the presence of such salts will not change the rela- 
tive resistance order of these plants, an order which, in general, 
is in hamony with farm experience.” 

But little work has been done on the amount of lime required 
to give maximum crop yields. So far as I know, the Maryland 
Station is the only one experimenting on this point. This work 
was commenced in 1896 on a poor, flat piece of land which had 
been out of cultivation for at least ten years. Freshly slaked 
stone lime was applied at different rates to the freshly plowed 
ground and harrowed in. No lime has been applied since. [he 
published results follow :* 

TABLE II.—EFFECT OF QUANTITY OF LIME ON YIELDS, PER ACRE. 


Uy a x . = Corn, 1899. 

=o 7 a = ae —— 

=a q 5 & =§ a z 

7 ar i : z z 
= D 2. w 

5 22 OS r 3 seg 0 B 

on =e : os 322 £ & 

: 6 ££ @ gee GF 
(1) eceeccceee 10 23.9 26.0 2502 5496 35.2 1845 
(2) +--+ eeeeee 20 25.6 27.7 2367 5545 28.5 2070 
(3) ecece cece none 17.4 22.5 972 3366 30.5 1845 
(4) ececceceee 30 25.8 28.7 2205 5475 34.8 2160 
(S)eeeeeecees 40 27.1 31.9 2322 5862 36.5 2025 
(6) sscccecece none 15.3 22.7 1053 3333 23.4 1755 
(2) s.070ie6 s.010i6'0 50 28.8 31.0 2133 5621 39.8 2115 
(8) sesccscece 60 29.8 32.5 2286 6024 43-4 2295 


There is a fairly regular increase in yields with larger appli- 
cations of lime, except in the hay crop, which is practically the 
same on all the limed plots. In all cases there is a marked in- 
crease over the unlimed plots. 

From 1896 to 1898, inclusive, the surface of the limed plots, 
to a depth of 3 or 4 inches, was alkaline in reaction, about 1000 
pounds of lime being required to render the surface alkaline to a 
depth of 6 inches. At present the limed plots Nos. 1 and 2 are 
acid, and the stand of red clover on these plots is much inferior 


to the stand on the alkaline plots. 
1 The results of Cameron and Breazeale are confirmatory of these statements. /d:d. 
2 Bull. 66, Md. Expt. Station. 
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In the extended work on acidity conducted at the Rhode Island 
Station, various quantities of alkalies have been used on a very 
acid soil, but as the writer has not the data necessary to calculate 
the completeness of neutralization, little can be said of these 
experiments, except that incomplete neutralization gave as large 
vields of the comparatively resistant plants experimented with 
for two years as complete neutralization gave. At the end of the 
time other resistant crops gave yields but little greater than on 
the unlimed pots. The pots limed to alkalinity maintained a 
high vield for the five years of the experiments and the total pro- 
duced was twice as great as from the pots to which less alkali 
was applied. 

[In the collection of soils used by the Bureau of Chemistry in 
its vegetation experiments there are quite a number that are acid. 
On but one of these, however, have we data showing the effect 
of partial and of complete neutra:ization. The samples Nos. 
67 and 68, Table XI, are from this soil which has naturally a very 
high apparent acidity, and the bean crops of 1899 and 1900 were 
almost total failures. Oats on the same soil had not been mate- 
rially affected until the crop of 1902. In rgor the soil in pot 
No. 67 was limed at the rate of 1200 parts per million. According 
to the sodium chloride method but 1330 parts of lime were re- 
quired, and by the lime-water method 2000 parts were required. 
The soil was still acid after this liming (pot No. 67). The crop 
of cowpeas, grown in IQOI, was 50.3 grams water-free material 
on the limed pot against 1.5 grams on the unlimed pot (No. 68). 
In the spring of 1902 an additional application of 1200 parts of 
lime per million rendered the soil strongly alkaline and the yield 
of cowpeas rose to 204 grams against I.3 grams on the unlimed 
pots. The past season (1903) the limed pot (No. 67) grew a 
good crop of red clover, while on the unlimed soil no plants got 
above ground. 

For the purpose of obtaining more data on the growth of sen- 
sitive plants on partially and on completely neutralized soils, 
We started this spring a series of pot experiments on a number of 
very acid soils. One pot of each soil was left unlimed, one was 
limed according to the sodium chloride method, and another 
according to the lime-water method, the lime being thoroughly 
incorporated with all the soil in each case. The red clover used 
in all these experiments was killed at a very early stage by a 
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fungus in the soil. Another and shorter series started on differ- 
ent soils, and in clay pots kept in another house, gave better re- 
sults, but were not entirely satisfactory, owing to a lack of water 
in one pot, and to the incomplete neutralization of another soil 
(see Table IIT). 


TABLE III]L—EXPERIMENTS ON PARTIAL, AND COMPLETE NEUTRALIZATION, 


Yield in pot Yield in pot 


Yield in un- limed by NaCl limed by Ca(OH), 
limed pot. method. method. 
Grams. Grams, Grams, 
: ; ; : ro! 8.0 ques 
Soil from Smithsonian Institu- } in wcities ee ila 
tion Grounds. Very acid loam } peices cia comiiiins 
: . : 1.5 1.5 4.5 
Subsoil typical of Piedmont } nie Sues teas 
plateau from North Carolina ) nodules nodules nodules 
Sand rich in organic matter, ) 
Nortolk, Va., A. ©. A. C..} 4.0 3.0 5.5 
Sample No. [.....e+eseee. aoe 
Sand rich in organic matter, 5 
8.0 9.0 19.0 


Norfolk, Va., A. O. A. C.} 
Sample No. 1°..+.scee2ceeees ) 


The soil in the duplicate pots was treated the same in all 
respects except as to quantity of lime added. The crop on the 
unlimed pot of the Smithsonian soil was badly damaged by lack 
of water, so the yield here is not a fair criterion by which to 
judge the effect of lime. Owing to an error the soil in pot 3 
was not completely neutralized, and apparently the crop yield 
is still below what it should have been. The soil from the Smith- 
sonian Institution grounds is a very acid loam, from a circular 
spot about 20 feet in diameter. It has been under observation 
for about three years, and nothing but sorrel has grown on it 
during the summer, and crab grass in the fall. Close around this 
circular spot are patches of red and white clover, where the soil 
has always been found to be alkaline. 

In the second series of pots a red clay subsoil, characteristic 
of the Piedmont region, was used. This soil, where it crops 
out, washes badly and, as usually cultivated, is particularly in- 
fertile, and it was found necessary to fertilize and inoculate the 
sample before cropping. 

1 Crop killed for lack of water. 


2 Soil still acid. 
8 Large pots. 
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In the third and fourth series of pots, soil from Norfolk, Va., 
first sample, Table IX) was used. It is a sand mixed with 
much organic matter, and is sufficiently acid to materially affect 
the yield of corn. It was believed that from the nature of the 
soil most of the apparent acidity must be due to organic acids. 

In the fourth series it became necessary to fumigate the crops 
to free them from insects. This was done by covering the car 
with a tent under which the whole car was fumigated at once. 
The plants in three of the pots, no-lime, lime by sodium chloride 
method, and lime by lime-water method not evaporated (see p. 
654), were badly wilted, and most of them died in two or three 
days. The pot limed to alkalinity was uninjured. After waiting 
three or four days to determine the full effect on the injured 
plants, all the crops were harvested. While we cannot ascribe 
these yields entirely to the effect of acidity, we have in them 
another striking instance of the increased resistance of plants on 
alkaline soils to unfavorable conditions. 

The data which have been presented cannot be regarded as 
conclusive. The differences in yield between partial and complete 
neutralization are often not as clear-cut and marked as one would 
wish. Many valid reasons can be advanced for this, the most 
plausible of which is that the apparent acidity of a soil is usually 
due to several different materials having widely different toxic 
properties. It is hoped, before another year has passed, to present 
more definite and conclusive data on these points. 

Although inconclusive, the majority of the data point to the 
same practical conclusions, and are in harmony with the history 
of practical agriculture, the evidence of persistently fertile soils, 
the researches upon nitrification, physical condition and relation 
to water, upon fungus diseases and upon the effects of acidity, 
and it appears that we are justified in accepting this statement 
as a working hypothesis: ‘“‘A soil faintly alkaline from carbonate 
of lime furnishes the best conditions for the economic production 
of crops, and the use of any method for estimating the acidity 
or the lime requirements of soils should be based on this hy- 
pothesis.” 

THE SODIUM CHLORIDE METHOD. 

This method was proposed at the 19th meeting of the Association 
of Official Agricultural Chemists! by Mr. Hopkins and his asso- 

1 Bull. No. 73, Bureau of Chem., U. S. Dept. Agr. 
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ciates of the Illinois station. It is “based upon the reaction which 
occurs when solutions of mineral salts are added to an acid soi! 
The organic acids of the soil are themselves very difficultly solu- 
ble, and it is practically impossible to completely extract them 
from the soil with distilled water, even though large quantities 
of water be percolated through the soil; but, when a mineral salt 
solution is added to the soil, the organic acids (humic acid, etc.) 
unite with the mineral base, forming neutral humates, ete., and 
liberating the mineral acid, which, of course, is perfectly soluble, 
and whose titrating power furnishes a very satisfactory basis 
for determining the total acidity of the soil. The method con- 
sists in shaking 100 grams of soil with 250 cc. of 5 per cent. or 
normal sodium chloride solution for three hours and titrating 
125 cc. of the boiled, clear filtrate with standard alkali, using 
phenolphthalein as indicator.” The result multiplied by 3 equals 
the acidity in terms of cubic centimeters of standard alkali re- 
quired to neutralize 100 grams of soil. The factor 3 is used in 
place of the natural factor 2, because by repeatedly removing 
one-half of the clear salt solution, restoring volume with 5 per 
cent. salt solution, shaking and titrating as before, it was found 
that the total alkali required for 100 grams of soil averaged ap- 
proximately three times the first titration. (Later work has re- 
sulted in changing the factor to 4.) 

The older investigators of humus—Knop, Schulze, Det- 
mer'—found that, as a rule, the “humates’” and “humic acid” 
are much less soluble in salt solutions than in pure water, 
while only traces are dissolved by acids. Heiden and also 
Schumacher? found that peat, various preparations of “humic 
acid’’ and artificial “humus’’ removed portions of salts from 
solutions in which they were placed, but that the removed 
salts were for the most part readily dissolved by small 
quantities of water. More recent investigations by Berthelot 
and André, and by Lyashchenko‘ confirm the older investigations 
as to the decomposition of mineral salts by humus materials. 
The fact that potash is partly removed from solution by organic 
material was brought to the attention of the Association of Offi- 
cial Agricultural Chemists several vears ago, and the association 


1 Storer’s ‘‘ Agriculture.” 

2 Johnson’s ** How Crops Grow.”’ 

3 Bull. Soc. Chim, (Paris), 1912, 15, 771 (1894). 
4 Abstract Expt. Sta. Record, 11, p. 623. ~ 
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is now struggling with the problem of recovering the total added 
potash from mixtures of acid phosphates and potash salts. 

There can be no doubt that organic matter is able to remove 
from solution a portion of the mineral salt with which it is 
brought in contact. None of the standard works on absorption 
of soils makes mention of the production of free mineral acids; 
neither theoretical considerations nor a cursory examination of 
the literature lead one to believe that mineral acids in amounts 
equivalent to the total organic acids are set free by the action of 
mineral salt solutions on acid organic material. 

Throughout my work with this method numerous tests have 
heen made for free hydrochloric acid in the filtrates from the 
soil. In but one or two cases, where the presence of water-solu- 
ble free sulphuric acid was easily proved, were there any of the 
sharp characteristic reactions of considerable amounts of free 
acid. ‘Twenty-five cc. portions of filtrates, requiring 8 or Io cc. 
N/20 alkali to neutralize to phenolphthalein, were tested with 
a drop of methyl orange, and in no case was the acidity greater 
than that produced by adding 0.2 cc. N/20 acid to 25 cc. of the 
salt solution. In most cases it was much less. The addition of 
0.05 to 0.2 cc. N/20 acid to these filtrates greatly increased the 
positiveness of their reaction with methyl orange. These results 
were deemed conclusive proof of the absence of appreciable quan- 
tities of free strong acids. 

The behavior, on titration, of the boiled filtrate pointed to an 
explanation of the nature of the reaction between the soil and 
salt solution. In some work on the solubility of soil constituents 
in saline solutions I had previously observed that the filtrates 
were frequently decidedly acid. The presence of considerable 
quantities of iron, alumina and manganese accounted for this 
reaction. It seems possible that small quantities of one or more 
of these bases had been dissolved by the salt solution, and ex- 
periment showed that where the apparent acidity was more than 
1 or 2 cc. N/20 alkali a precipitate which bore a striking relation 
to the alkali required was formed during the titration. These 
precipitates were found to be, usually, chiefly aluminum hydrox- 
ide, with smaller amounts of hydroxides of iron and manganese. 
In two cases it was zinc hydroxide. A number of filtrates were 
tested for phosphoric acid with negative results. It does not 
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appear probable that the apparent acidity of the filtrates is due 
to acid phosphates in solution. 

After establishing the value of the alkali in terms of Al,O, 
by titrating against a known solution of aluminum sulphate (the 
titration of aluminum salt solutions with alkali is a quite well- 
known technical process, which, however, is not regarded as 
very exact owing to the indefinite end-point) under the conditions 
of the method, a number of precipitates produced in the soil 
filtrates were filtered off, washed, dissolved in acid, silica sep- 
arated, and reprecipitated with ammonia, washed, ignited, and 
weighed. The results, with other pertinent data, are given in 
Table IV. 

From these experiments it seems that there is no setting free 
of appreciable quantities of hydrochloric acid and that there is 
practically no reaction between the organic matter and the salt 
solution, whereby difficultly soluble organic acids are dissolved, 
but that the acidity of the filtrate (or that acidity which is greater 
than would be given by water under the same conditions) is due 
to the solution of alumina or some other acid-salt yielding base. 
It appears that the hydrated neutral silicates or aluminates are 
quite strongly attacked by the salt solution, resulting in the re- 
placement of aluminum by sodium, or a breaking-up of the com- 
pound, and the consequent formation of an acid solution of 
aluminum chloride, the titration of which, with alkali, constitutes 
the apparent acidity as determined by this method. Quite a little 
silica also goes into solution and is partly precipitated during 
the titration. 

The reaction between salt solutions and soils or minerals in 
which the base of the solution replaces in approximately equivalent 
quantities certain of the bases of the soil or mineral attacked, 
received much attention twenty-five to fifty years ago. I am not 
aware, however, that a marked solution of alumina by neutral 
salts has been brought to notice before, although, of course, the 
analysis of salt-soluble materials has always shown the presence 
of one or more acid-salt forming bases. Johnson,! in discussing 
the absorptive power of soils, states that Milder noticed that 
sesquioxide of iron participates in the displacements resulting 
from treating soils with saline solutions. 

1 ‘* How Crops Feed,” p. 347. 
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TABLE IV.—SHOWING THE RELATION BETWEEN AIL,KALI REQUIRED AND DISSOLVED ACID-SAI,T-FORMING BASE 


*c. NaCl 
Description of sample. filtrate. 





Fine sand, rich in organic matter ..-.........+0++ 3.7 
Rhode Island Station, very acid. 
Kaolin, 200d grad@s oss. ccccesccccsescsccee® 
KaOlitt, POO ..ccsc scccsccevecscescsessccsscccese 4.2 
Vegetation experiments, Bureau of Chemistry, 

California soil : 

TAMICd sc seccssccccccsccocevesccncccsssccsess § 5,2 
Not limed .. occ vccecccevesencesscssoescss 19,0 

Vegetation experiments, Bureau of Chemistry, I1li- 

HIOIS SCAN 6 6 6:0:065-09:0.9.0-6% C20 OCT CERISE Cs 
Carlysle silt loam, subsoil, Illinois ...-...... ..++ 31. 
Plot No. 6, fertilizer experiments, Pennsylvania 

OUAVIOE 056.6 6.6 6-46 0-04-05: 6046090466 0 Ce Cty eee escce OE 
Plot No 1o, P,O, experiments, Maryland Station.. 1.2 
Sand from propagating house...... ++. ++++eeeee+ 25.7 
Collington loam, glauconitic, Prince George 

Coutity, Md oocccesesevecs secccsccccsccesccccs 22.6 
Loam, District of Columbia, very acid, growth 

only DONTE oo 06 0.056 6.506 600% 8000 cece eresscceses 28.8 
Clay subsoil, Piedmont region ............-.-+++- 2.8 
‘ine sand, rich in organic matter, treated with— 

N NaCl . ssaese 3.6 
2N NaCl... fumes Re 
BON TG sincere ve sine sWevlerCeee S6eateccese ss SG 

Brick clay treated with— 

IN LRGE Delt CR bee OUNEIRIOESS Se tees eenee 2S 
ZN NaCl .cccce cece scccccccee vevesesces coves 25,3 

1 GASP e eT ee eee ea ee Cn Re ee eae 27.6 
2N KCl occcecsess 
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Were we to assume that the action of a mineral salt solution 
upon a soil affords a measure of the acidity of the soil, it appears 
reasonable to think that sodium chloride would be no better for 
this purpose than potassium or calcium chloride. Nor does there 
appear to be any reason why chlorides are better for the purpose 
than sulphates or nitrates. Indeed, the originators of the method 
appear to take this view of the matter, for they say: “Of course 
other mineral salts, as potassium chloride, serve the purpose 
equally well, but they are no better than common salt and are 
considerably more expensive.” Bearing in mind the older work 
on the replacement of bases, as well as more recent investiga- 
tions* on the same subject, in which it is shown that there are 
frequently marked differences in the extent of replacement by 
ditferent bases, it seemed worth while to make a few experiments 
on this point. In this work a heavy brick clay, such as is quite 
common in the coastal region of Maryland, and the fine sand, 
rich in organic matter, were selected. The sample of brick-clay 
was taken about 4 feet below the surface in the side of a gully, 
after removing the outer layer. To my certain knowledge the 
immediately contiguous soil has borne no vegetation for twenty 
years. It is almost certain that it contained no organic acids, 
but as it consisted largely of hydrated materials it was anticipated 
that it would show a high acidity by the sodium chloride method. 
The other sample was believed to contain chiefly organic acids, 
and consequently would show little acidity by this method. The 
various salt solutions used were of approximately equivalent 
strength. The results are given in Table V. 

From Table IV it appears that the precipitate produced by 
titrating the filtrate is approximately proportional to the appar- 
ent acidity and from Table V we.see that the apparent acidity 
will be determined by the salt used (provided the readings are 
multiplied by the same factor), potassium salts giving higher 
figures than the corresponding sodium salts. This difference is 
not great, however. 

In investigating the absorptive power of soils, Pellitz* found 
that at a certain concentration of the solution the absorption 
reaches a maximum above which it cannot be raised. Armsby,* 


1 Vide: ‘‘ How Crops Feed.”’ 

2 Dettrich: Abs. Expt. Station Record, 14, 746. 
3 Ztschr. anal. Chem., 14, 55, 282. 

4 Am. J. Sct. and Arts, 14, 25. 
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TABLE V.—NaCl METHOD: ACIDITY BY DIFFERENT SOLVENTS OF 
SEVERAL STRENGTHS. 
N/20 alkali to 
tooce. of Acidity. 


Soil. Kind and strength filtrate. Parts per 
Description of sample. Grams. of solvent. ce. million. 
cities . 1 NaCl (28.0 980 
rick-clay (moist Sample)........ 200 5 percent. NaCl..~- 
Bric ive I Bed. : (29.0 1,015 
WO cdc eicclagewiesen wees seeee- 200 Topercent.NaCl-. 40.0 1,400 
DiGixess esgecsueweseaene eceeee 200 20percent.NaCl-.- 40.0 1,400 


19.2 | Pr, 
DGicincex jeeesaseueeune eeeee IOO 5 per cent. Naci..} 9% — 


~ a (25.0 1,750 
i eer ee ree TTeTT rer. 100 fopercent. NaCl.-) 6 2 Gin 


(25.5 1,755 


DIG ys cians 60nd ace wan emcee tee 100 20 percent. NaCl.. 4 26.5 1,855 

Dic nine aissWele ese me eeemeeae -»- 100 5 percent. Na,SO, 18.8 1,316 

eae (22.4 1,568 

DGie.s oct Wewece be Careravel ergo Mecmsverers I0o 5 per cent. K,SO, 1 23.0 1610 

! ; ' r Ey) (22.0 1,540 
Brick-clay (air-dry sample)....... 100 Normal NaCl .... 

; (23.0 1,610 

WGhasnslecnd wecedeie sceare duress 100 2 Normal NaCl... 25.3 1,777 

Pc sdkneekees whendeabavaeds 25 Normal NaCl .... 7.5 2,100 

DOs eisisie = cies cles as ewer 50 Normal NaCl ..-. 13.5 1,890 

Tis 60d. ioe wraina! aaa egies taiele pela 100 Normal KCl...-.. 27.6 1,932 

Bier dl deriverowns ga sie neneee e+e» 100 2 Normal KCl...- 209.6 2,072 

Sandy soil, rich in organic matter 100 Normal NaCl..... 3.6 252 

DiGi earc sc apomeaneccusns eaves 100 2Normal NaCl... 5.2 364 

Diibncasicticn. «46s abe ia ekeemane 25 Normal NaCl..... 7 476 

1) ae CMe rrr eur 50 Normal NaCl..... 2.5 350 

Dike acticin sac cue ne nee oxcceewaas 100 Normal KCl ..... 6.6 462 

WGca0s coca neasaesncineuesaeved 1oo 2 Normal KCl..-. 8.0 560 


in working with a hydrous silicate, prepared according to the 
directions of Way, found that the amount of base absorbed from 
the solution was never more than two-thirds of the replaceable 
base in the silicate. He concludes that the extent of the reaction 
varies with the concentration of the solution, and with the ratio 
between the volume of the solution and the quantity of soils used. 

While it seemed probable, indeed almost certain, that all these 
conclusions are valid for the apparent acidity shown by the 
sodium chloride method, it was deemed advisable to make a few 
experiments on these points. The results, which confirm Armsby’s 
conclusions, are also given in Table V. 

The ratio of succeeding titrations to each other when one-half 
of the salt solution, which has been in contact with the soil, is 
replaced by a fresh salt solution has also been studied, and a sum- 
mary of the results is given in Table VI. 
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TABLE VI.—SHOWING TITRATION RATIOS AND ACTUAL FACTORS. 
tal 


2 e¢8 32 3 Bb P 
3 Ta = >} A & 
a ol i So5 ° wed 
~ Laer eas 2 os56 s 
@¢ Pea 7 >a F SES E 
fo SSE oh Ex &o€ & 
_2 oms.8 Glee os 25 S 
th Soee o _6.\s 0,2 -55 mo 
en > & i a_i Co ave = 
; S& As. & Sss08 os $3 weal 
a & 2 su Sle os Se =e 
" on gros Ok ot OO >o OBS 3 & 
a Z g = < < < 
: ce I109! 
Brick-clay .....,..-..-. NaCl 30.4 79.4 0.65 2.61 1700? 
KCl 81.6 6 eal 
2:2 I. 0.61 2.50 ig 
3 v9 1800? 
Sand (rich in organic) .. 257! 
( 8 } NaCl 4.4 18.4 0.91 4.18 ST 
matter). -ccccsercccee J 246 
2671 
( 367 


KCl 6.4 26.0 0.85 4.06 


These results are again in harmony with absorption work, as 
well as with the work of the originators of the salt method. 

In view of the nature of the reaction and of the results which 
have been obtained, it is evidently erroneous to attribute such 
increasing solubility in fresh solutions to absorption phenomena. 
It is evidently chiefly due to a progressive equilibrium reaction 
which only ceases when those compounds, which take part in the 
reaction with the salt solution, have been completely changed in 
character. It was found that the ratio between successive filtrates 
is not a constant one, but varies considerably. Hopkins e¢ al. 
found it to vary from 0.62 to 0.8, and the fact that they have 
recently proposed the factor 4 indicates that they have found a 
ratio as high as 1.° 

The work on the samples given in Table VI resulted in the 
establishment of the factor 2.60 for the brick-clay and a factor 
of about 4 for the sample containing much organic matter. 
These results, with those of Way, Pellitz, and Armsby, quoted 
above, lead me to think that the factor 4 is too high for soils con- 
taining the usual quantity of organic matter. In such soils it is 
probable that the factor should be less than 3. 

Although the end-point in the titration is not particularly sharp, 
duplicate titrations agree fairly well after some little experience 
with the method. ‘Toward the close of the titration the pink 
color produced fades quite slowly, and one may easily make an 


1 Using the actually determined factor. 
2 Using the factor 4. 
3 See note, Bull. 72, Bureau of Chem., p. 117. 
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error of I or 2 cc. of N/20 alkali, if the titration is not continued 
until the color is faint but permanent. Where the quantity of 
alkali required is under 5 or 6 cc., duplicate readings will usually 
agree within 0.3 or 0.4 cc.; where the quantity of alkali required 
rises to 20 cc. or more, duplicates may ditfer as much as I cc. 
N/20 alkali. 

That is, on faintly acid soils the “limit of accuracy,” due to 
errors of titration, is about 25 parts of acid expressed as CaO 
per million of soil. On soils of high apparent acidity this error 
of titration may rise to 70 parts per million of soil. As the ratio 
of the first titrations to the sum of the successive titrations is 
not a constant, but varies considerably on different soils, large 
errors may be introduced by applying the high factor now used 
to soils upon which the ratio of the titrations is narrow. For 
example of the erroneous results due to the use of an arbitrary 
N/20 alkali, the use of the factor 4 makes the apparent acidity 
1700, while the true factor 2.61 makes it 1109 parts of CaO per 
million, an error of 591 parts per million or of about 2000 parts 
per acre-foot. These are extreme figures, but I do not think that 
at present we can expect greater accuracy than 100 parts per 
million of soil even under the most favorable conditions. As an 
example of the erroneous results due to the use of an arbitrary 
factor, the results on the sample of coarse sand from the propa- 
gating house (Table VII) are interesting; by the lime-water 
method this sample requires 1000 parts per million of CaO to 
make it alkaline; by the sodium chloride method, without the 
factor, it requires goo parts, while using the factor it requires 
1800 parts, which, of course, is wrong. 

The method is very simple in execution, and for this reason 
very attractive to the busy chemist. It is not, however, a method 
which enables us to determine the total apparent acidity of a soil, 
nor can we yet say that by it we can determine that acidity in- 
jurious to sensitive crops. 

by it we can make an approximate determination of the amount 
of aluminum or other acid-salt forming bases dissolved by sodium 
chloride under the conditions of the method, and can, of course, 
calculate the lime required to neutralize such acid salts. But as 
different salts and different concentrations of the same salts dis- 
solve different quantities of these bases, we cannot assume from 
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chemical data that lime would act in the same way that normal 
sodium chloride does, nor that the action of sodium chloride is a 
measure of the lime requirements of soil. 

In this connection it may be noted that a soil limed in accord- 
ance with the results of the sodium chloride method is never 
alkaline unless indeed the lime requirement by this method is 
as great as the iime requirement by the lime-water method. This 
is shown in Table VII, where we see that the sample of sandy soil, 
which required 258 parts of lime by the sodium chloride method, 
after being limed with that amount, still required 161 parts per 
million, while the loam soil, after being limed as required, showed 
an additional lime requirement of 658 parts. Both these soils 
had grown a crop between the tests, but it cannot be admitted 
that the acidity had increased at any such rate as this. Faintly 
alkaline soils, particularly where they contain organic matter, ma\ 
show considerable acidity by this method, as is shown by samples 
from pot 35, and the 30 bush CaQ plot Maryland Station. This 
result is undoubtedly due to the action of the sodium carbonate 
resulting from the reaction between the lime carbonate and sodium 
chloride. 

If it be found, by experience, that the sodium chloride method 
is a measure of the acidity or lime requirement of soils, then we 
must conclude that water-insoluble organic acids and acid ma- 
terial play no part in soil acidity, and that an application of lime 
in such quantities as will approximately neutralize all the acid 
salts that could be produced by the action of normal chloride 
solution on the soil, is all that is necessary. With soils containing 
no organic matter this is, of course, true, as has been shown. 


THE LIME-WATER METHOD. 


This method is a modification of the method of Tache’ and is 
based on the fact that after the affinity of the soil for calcium as 
bicarbonate is satisfied, the presence of the slightest amount of 
this salt is manifest by the pink color produced when phenol- 
phthalein is boiled with a portion of the water which has been 
in contact with the treated soil. It was claimed for the method 
that it represented the maximum lime requirements of a soil, 
and from theoretical considerations it was argued that under 
the conditions of its execution (action of lime as bicarbonate and 


1 Chem. Ztg., 21, 174 (1897). 
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absence of any considerable excess of this), absorption, attack 
of non-acid organic matter and of non-acid silicates, aluminates 
and silica was probably reduced to a minimum and were prac- 
tically negligible reactions. 

The work since done has changed some of these opinions and 
strengthened others. 

Beyond a doubt the method shows the maximum lime require- 
ments of soils, that is, it shows the amount of lime required under 
the most favorable conditions of distribution, to make them alka- 
line in reaction. 

Several modifications of the original method have been tried, 
primarily to reduce the work now required. 

The results obtained by all modifications are shown in Table 
VII, in comparison with the results by the sodium chloride 
method : 

The most serious objection to the method, from the analyst’s 
standpoint, is the number of determinations which must frequently 
be made before alkalinity is reached. With the view of reducing 
the work a modification, in which the evaporation to dryness of 
the mixed soil and lime-water is omittea, was tried. 

As will be seen, this modification gave a lower total apparent 
acidity than the original method on all but one sample. In some 
cases this difference is great, 800 parts per million in one case, 
while in others it is but little greater than the limit of error of the 
method. 

It cannot be said from the results that the differences are 
lower on soils containing large amounts of organic matter than 
on soils containing an average amount of organic matter, although 
one would expect this to be the case. ()n soils containing prac- 
tically no organic matter, such as kaolin, Carlysle silt loam and 
brick clay, the difference between the two modifications is much 
less. 

It seemed possible that the drying at 100° of the soil, which 
has been treated with lime-water, may result in a greater attack 
of non-acid soil constituents by even so weak a solution as that 
given by calcium bicarbonate than will take place in the field under 
atmospheric conditions. 

If this is so, the modified method would probably give results 
nearer the true lime requirements than the original method. To 
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test this point portions of various soils were treated with lime- 
water as usual and allowed to dry in the air, being protected from 
dust or fumes in the meantime. 

The results are given in the table under the heading “Air- 
dried.” The results thus obtained agree remarkably well with 
those obtained by drying on the steam-bath, showing that the 
reaction at 100° is but little greater than takes place under field 
conditions. Two exceptions are to be noted where the apparent 
acidity by drying in the air is much less than by drying on the 
bath. I have not had time to make further examination of these 


” 


cases. 

On the whole, it seems advisable for the present to follow the 
method strictly as proposed, as such procedure will give results 
that agree best with field conditions and, at the same time, be the 
most concordant. 

In the practice of the lime-water method it has been found that 
the length of time the treated and dried soil is allowed to stand 
in contact with water has a considerable effect on the apparent 
acidity as determined by this method. When solution is allowed 
to go on from forty-eight to seventy-two hours, the pink color 
with phenolphthalein is developed with less added lime-water 
than where the solution is allowed to stand sixteen hours or less. 

Some soils which are acid when allowed to stand sixteen hours 
give an alkaline filtrate when allowed to stand twenty-four to 
forty-eight hours longer. The results of long standing are also 
civen in Table VII. 

[ cannot say definitely why the time of standing should produce 
such differences in apparent acidity in the case of many soils. 
We may assume, with safety, I think, that the result is not due 
to the failure of calcium carbonate to go into solution in partially 
carbonated water in the shorter time. Indeed, calcium carbonate 
is instantly sufficiently soluble in ordinary distilled water to give 
a strong reaction with phenolphthalein when the filtrate is boiled 
for a few moments. ‘The same has been found to be true of many 
naturally alkaline and of limed soils. 

The above-mentioned result appears to be due rather to the 
slower solubility and hydrglyzation of the neutral lime compounds 
thet are formed with the added lime-water, or to the solution and 
hydrolyzation of neutral compounds already present in the soil. 
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It has long been believed that the bases of the soil go into solu- 
tion partly as bicarbonates, and the Rogers Brothers! have shown, 
long since, that many of the common minerals, particularly the 
zeolites and feldspars, when reduced to fine powder and treated 
with carbon dioxide-free water, gave a more or less strong reac- 
tion with phenolphthalein. 

Both of these classes of minerals are believed to be present in 
most soils, but from the nature of the origin of soils the more 
soluble forms are not likely to be present in considerable amounts, 
nor are the more insoluble forms likely to be present in a finely 
divided state. Hence the solution of such minerals would be ex- 
pected to be slow and the development of an alkaline reaction on 
long standing, with smaller amounts of lime-water, might be thus 
accounted for. 

In the same way the soil which, on short standing, appears 
neutral or acid, may, on longer standing, become alkaline, the 
solution and hydrolyzation of its own bases in a large amount of 
water resulting in the neutralization of its acidity. It is possible 
that the influence of a favorable season on the stand of red clover 
on faintly acid soils may be thus partly accounted for; the ap- 
parent acidity of the soil has been reduced by the increased solu- 
tion of the bases present. 

Just what procedure to adopt here [ find somewhat difficult to 
decide. Tentatively, it seems advisable to follow the results given 
by the shorter time, as it is likely that in this case the alkalinity 
is due to the solution of calcium carbonate, while with the longer 
time it appears to be due to decomposition of neutral salts, such 
as the silicates, aluminates, and perhaps “humates,” etc. 

How great may be the attack of the bicarbonate upon the non- 
acid organic matter of the soil I cannot say. Doubtless it is con- 
siderable, but as the affinity of this material for lime must be 
satisfied before the soil solution is alkaline, such attack must be 
regarded as constituting part of the apparent total acidity of soils. 

Experiments have shown that there is but little of soluble organic 
acids, or acids whose lime salts are soluble, as the lime dissolved 
from the treated soils by water is but little more than that dis- 
solved from the untreated soils, not more than is contained in 
2 cc. of standard lime-water. 

1 Am. J. Sct. and Arts, §, 5 (1845). 
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On the other hand, it does not appear that the combinations of 
lime and non-acid organic matter are very rapidly attacked by 
the organisms of the soil. For example, the sample of fine sand, 
rich in organic matter, which had nearly ten times as much lime 
added as called for by the sodium chloride method and about one- 
half as much as called for by the lime-water method, was still 
strongly acid after growing a crop of clover, and five months after 
liming. It still required as much lime as would, with that already 
added, bring it up to its original lime requirements. 

With soils from which the supernatant uid is clear and prac- 
tically colorless, duplicates by this method agree well; in no case 
should they differ by more than 2 cc. of standard lime-water per 
factor weight of soil (200 parts per million) ; with soils which 
give a colored fluid, close duplication is more difficult, and where 
more than 20 cc. of lime-water are required per factor weight, 
duplicates may differ at a maximum as much as 3 cc. of standard 
(300 parts per million). 

In comparing the results by the two methods we see they differ 
least, usually, on soils containing no organic matter and that on 
such soils, if we may so call them, the results by the sodium 
chloride method may be higher than by the lime-water method. 
That is, the apparent acidity in terms of lime is greater than the 
amount of lime actually required to neutralize it. 

As the organic matter increases in the soil the results become 
more divergent, the sodium chloride showing a much lower acidity 
than the lime-water method. 

As the originators of the sodium chloride method have found 
field applications of lime in quantities indicated by it to give 
satisfactory results, a word in explanation of the conclusion thus 
indicated may be in order. 

It has been shown on soils containing but little organic matter 
that the sodium chloride method gives as high or higher acidity 
than the lime-water method. In such cases applications of lime 
in accordance with the sodium chloride method must completely 
neutralize the acidity of the soil. 

With soil on which the lime-water method shows a very much 
higher acidity the effect of the smaller application of lime may 
be accounted for by the following facts: The writer has found 
that lime applied, even in excessive quantities, neutralizes very 














658 F. P. VEITCH. 


slowly the acids of the unstirred subsoil. Indeed, for practical 
farm purposes we may say that such neutralization is negligible. 
Hence, as the applied lime is confined to the cultivated surface 
layer (3 or 4 inches of ordinary harrowed ground), it may often 
happen that this laver has been rendered alkaline by the applied 
lime which was expected to neutralize the acidity to a depth of 
6 inches or more. 


It is true.that even heavy applications of lime cannot be per- 
fectly distributed in the field and maximum yields may not be 
reached because of this. In comparison of large and small appli- 
cations of lime this fact may be of importance, and it may happen 
that, owing to imperfect distribution, the full effect is not se- 
cured even when enough lime is applied to neutralize the total 
apparent acidity of the soil, and larger applications may appear 
more advantageous. The data at hand do not justify a conclusion 
on this point. 


The writer believes, however, that applications of lime, in quan- 
tities sufficient to neutralize the acidity of the surface 6 inches 
of soil, as determined by the sodium chloride method, will not 
always be sufficient to give satisfactory crops of red clover and 
alfalfa, even though the lime may be mixed with only the surface 
3 inches. He believes that until we have more positive data 
it would be the wisest practice to apply lime in sufficient quantities 
to render the cultivated soil slightly alkaline in reaction, and con- 


sequently to use a method which will indicate this quantity. 
NATURE OF SOIL ACIDITY. 


Our knowledge of the nature of “acidity” in soils is very general. 
Most soils, even those which would be reckoned as very acid by 
any of the various methods which have been proposed for deter- 
mining soil acidity, contain but little water-soluble acids or acid 
salts. Practical farm experience has strongly indicated that the 
acids which may be removed from soils by simple treatment with 
water are not the total harmful acids which they may contain. 
It has been assumed that very difficultly soluble organic acids as 
“humic,” ‘“‘ulmic,” ete., and their acid salts, the ‘“humates,” 
“ulmates,” etc., are chiefly responsible for the harmful acidity of 
soils, and it has been the object in devising methods for deter- 
mining soil acidity to reach such compounds. The figures given 
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in Table VII are indicative of the fact that such compounds are 
not the only ones which go to make up soil acidity. 

Further, they show that there is no close relation between the 
“acidity” as determined by either of the methods and the toxicity 
of such acidity. Thus the sample of coarse sand, which has an 
acidity of 1800 parts per million by the sodium chloride method 
and of 1000 parts by the lime-water method, will, under no condi- 
tion, produce a growth of the ordinary farm crops. All of the 
other soils given will grow small crops of the more resistant 
plants. The soils from California, from Rhode Island, the Carlysle 
silt loam, and the Collington loam yield fair crops. It is evident, 
therefore, that acidity, as determined by these methods, cannot be 
of the same nature in all the soils. 

Until we have more definite evidence as to the nature and effect 
of the various compounds which are reckoned as constituting a 
part of the total apparent acidity of soils, we may tentatively 
and for purposes of further study class acidity under two general 
heads. 

Active or actual! acidity, due to relatively soluble organic and 
inorganic acids and acid salts; and inactive or negative acidity, 
reaching, in some soils actual neutrality, as determined by the 
usual indicators. This later condition, constituting a part of the 
absorptive power of soils, appears to be due to the presence of 
certain constituents, such as the easily attacked hydrated or col- 
loidal silicates, and many non-acid organic compounds, which 
have a strong affinity for sodium, potassium, calcium, and magne- 
sium. On solution of these bases by the soil water, or on their 
addition in alkaline compounds they combine immediately with 
these practically neutral constituents, which thus prevent the reac- 
tion of the soil from becoming alkaline until the above-mentioned 
affinity is satisfied. This condition, while harmful to sensitive 
plants, is certainly not so harmful as the condition due to free 
acids or acid salts. Further than this, the reaction which takes 
place between certain of these soil constituents and added chlo- 
rides, sulphates, etc., produces positively acid salts, as we have 
seen from the reactions of the sodium chloride method. There 
can be but little doubt that it is due partly, at least, to the acidity 
thus produced that the injury arising from the use of chlorides 
and ammonium sulphate on acid or neutral soils, is to be ascribed. 
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It is the negative acidity, due to inorganic materials, plus the 
water-soluble free acids and acid salts, that is estimated by the 
sodium chloride method, while the total active and inactive acidity 
is estimated by the lime-water method. In other words, this 
method determines what has been called the “total apparent acid- 
ity.” I do not believe that for the most economical results it is 
sufficient to neutralize only the active acidity or only the inactive 
acidity, even though such procedure should leave the soil prac- 
tically neutral, for a soil so treated is able to neutralize such 
bases as may be set free by weathering, while the acid produced 
by weathering, biological processes, and added fertilizers renders 
the soil again positively acid. 

One exception may, perhaps, be made to this general statement. 
Where the apparent acidity is chiefly due to free organic acids a 
partial neutralization may be sufficient to give the soil an alkaline 
reaction in a short time, because, as has been shown by several 
observers, the calcium salts of such acids are rapidly attacked by 
fungi and bacteria: the acid radical is destroyed while the lime, 
being set free, neutralizes another portion of the acids. 

Some experimental work has been done in order to obtain addi- 
tional information as to the nature of the inorganic compounds 
which neutralize lime-water. It has been found that ignited acid- 
insoluble residues from soils do not combine with lime-water to 
any extent under the conditions of the lime-water method, 12 
grams of ignited material requiring but 1 cc. of lime-water to give 
an alkaline reaction. 

Ienition of soils also destroys their affinity for lime; indeed, 
as would be expected, the ignited residue from some soil, rich 
in organic matter, is alkaline. It is well known that hydrated 
silica in water takes up large quantities of lime-water, but when 
2 grams of hydrated silica (air-dry) are mixed with 1 cc. of 
lime-water, evaporated and treated as in the lime-water method, 
a pale pink color is developed when the liquid is concentrated to 
10 to 15 cc.; no greater color is developed, if 5 or 6 cc. of lime- 
water had been added to the silica. 

This same slight color has been so often observed when working 
with soils, that it is usually ascribed to the presence of calcium 
silicate rather than calcium carbenates." 

1 This view is strengthened by recent work of Keiser and Forder (Am. Chem. /., 31; 


153), who have found that calcium silicates and aluminates are sufficiently hydrolyzed 
by short standing in water to give an alkaline solution. 
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[f it is true that crops are most profitably produced only when 
the soil is completely neutralized or faintly alkaline, the separa- 
tion and estimation of the several components of the total apparent 
acidity is not of much practical importance. On the other hand, 
if it is not necessary to completely neutralize the total apparent 
acidity, it becomes necessary to devise methods for the estimation 
of the harmful acicity, and determine to what it is due. 

As a beginning along this line we may estimate the water- 
soluble acids and acid salts; we may estimate the negative acidity 
due to easily attacked silicates by means of the sodium chloride 
method, using a proper correcting factor. \Ve may determine 
the total apparent acidity by the lime-water method, and by sub- 
tracting the acidity determined by the sodium chloride method 
we have acidity due to insoluble organic matter. 

These estimations have been made here with fairly satisfactory 
agreement with the known character of the soil. 

As several small, but important, changes have been made in 
the lime-water method, the improved method is appended. 

To determine the reaction of a soil: 

About !0 grams of soil are treated with 100 cc. of distilled 
water in a Jena flask and allowed to stand over night. Fifty ce. 
of the supernatant liquid are carefully drawn oft and boiled with 
a few drops of phenolphthalein in a covered Jena beaker until 
the appearance of the pink color or to a volume of about 5 ce. 
with no development of color. The pink color shows the soil to 
be alkaline, while no color shows it to be acid or neutral. 

To determine the degree of acidity : To three portions of soil,each 
consisting of as many grams as the standard lime-water contains 
milligrams of lime (CaQ) per cubic centimeter, add 50 to 60 ce. 
of distilled water and different amounts of standard lime-water. 
For example, to the first add 10 cc., to the second 20 cc., and to 
the third 30 cc. of lime-water. Dry down at once on the steam- 
bath, transfer to stoppered Jena flasks with 1oo cc. of distilled 
water, allow to stand over night, with occasional shaking, draw 
off 50 ce., place in a Jena beaker, add a few drops of phenol- 
phthalein solution, and boil until the appearanée of the pink color, 
or in case no color is developed, to a volume of about 5 cc. Then 
with two portions of treated soils, one of which has been rendered 
alkaline by the lime-water and the other of which is still acid, 
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as guides, prepare three fresh portions of 10 grams each and add 
lime-water as before, except that the amount added to a dish 
differs from that added to another by I or 2 cc. Dry, take up 
with 100 cc. of water, allow to stand, draw off, and treat exactly 
as before. The smallest amount of lime-water which gives the 
characteristic pink color is taken as the acidity equivalent of the 
soil. Each cubic centimeter of standard lime-water is equivalent 
to an acidity of 0.01 per cent. expressed as calcium oxide. 

It is essential that the distilled water used be free from alkalies 


and acid. 


THE USE OF BASIC ALUMINUM ACETATE AS A PRESERV- 
ATIVE IN SAUSAGE. 
By Ep. Mac-Kay CHACE. 
Received March 30, 1904. 

In THE course of the usual work in this laboratory upon im- 
ported foods, the writer some time since received a sample of 
imported canned sausage which was preserved with a salt of 
aluminum. As aluminum compounds are not among those usu- 
ally employed as preservatives in canned meats, an investigation 
was started in order to ascertain the extent of their use, the 
amount used, etc. 

Up to the time of the present writing they have been found in 
several samples of imported canned sausage, all irom the produce 
of two manufacturers, however. They have not been found in 
any samples of imported smoked, or domestic canned or smoked 
sausage. 

The two manufacturers in whose goods aluminum was found 
acknowledge the use of the basic acetate of aluminum in small 
quantities. The detection of the addition of aluminum is easily 
carried out inasmuch as it is not a normal constituent of the ash 
of flesh.? 

The following method was found to work satisfactorily: About 
25 grams of the ground sausage are ashed (complete ashing is 
not necessary) and the ash dissolved in strong hydrochloric acid. 
Sodium hydroxide is then added in excess and the whole boiled, 
the precipitate and insoluble ash filtered off, the filtrate made 


1 See the works of Bunge and Halliburton on “ Physiological Chemistry.” 
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acid with hydrochloric acid and the aluminum precipitated with 
ammonia, partly as hydroxide, partly as phosphate. The precipi- 
tate may be filtered off and tested on charcoal with cobalt nitrate. 
Whenever possible, the work should be carried on in platinum- 
ware to avoid solution of aluminum from glass or porcelain and 
the reagents should always be tested. 

With the amount added as a preservative no trouble was found 
in detecting it in the above manner, enough of the precipitate being 
obtained to render further identification possible, if desired. For 
the quantitative determination it was found that the method of 
Wachenroder and Fresenius gave accurate results.’ 

The finely ground sausage is heated over a low flame until 
danger of spurting is past, when the mass is thoroughly charred. 
It is then cooled and digested on the water-bath for some time, 
with strong hydrochloric acid, filtered, slightly washed, and the 
filter and residue reignited. This ash is usually of a good gray 
color and small in quantity ; it is dissolved as before, in the strong- 
est hydrochloric acid, filtered, and the filtrate added to the former 
one. <Any residue left on the filter-paper should be examined 
further for aluminum. 

The combined filtrates obtained above are made slightly alkaline 
with ammonia, and barium chloride added until no further pre- 
cipitate is formed, the hydroxide and phosphate of aluminum and 
the phosphate of barium filtered off, slightly washed, and dissolved 
in the least possible amount of hydrochloric acid. The solution 
obtained is saturated with barium carbonate, potassium hydroxide 
added in excess, and the whole digested for some time. Finally, 
the barium in solution is precipitated with sodium carbonate, the 
phosphate and carbonate of barium filtered off, and thoroughly 
washed. The filtrate is acidified with hydrochloric acid and the 
aluminum determined in the usual way. 

The cans upon which the quantitative determinations were 
carried out were of the one-pound type, containing four sausages, 
weighing from 400 to 450 grams, and from 175 to 200 cc. of 
liquor. The sausages were removed from the liquor, and ground, 
without removing the casing. The liquor was evaporated to dry- 
ness, ashed, and the aluminum determined, as in the sausage. 
The amount of the preservative found was as follows: No. I 
averaged on several different lots, 11.2 mg. of Al.O, per 100 


See Fresenius’ ‘“ Quantitative Analysis,” American edition of 1904, Vol. I, p. 4°9. 
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grams of sausage, and 12.6 mg. to the total liquor, making the 
entire content in the can between 60 and 70 mg. No. 2 averaged, 
on the two lots examined, 31.3 mg. per 100 grams of sausage, 
and 54.3 in the total liquor, making 175 to 200 mg. to the can. 

The manufacturer of No. 2 claims to add 0.5 per cent. of the 
basic acetate. It is supposed that the solution used is that of the 
German Pharmacopoeia, the preparation of which is carried out 
according to the following formula 


Grams. 
Aluminum sulphate....... eee h one ae ere es +, 230) 
A ARO een ais oo ne eles to hoe wie sees Me weweeekek «s: / TOO 
CATCH CGT DOTAEC < 6.cis: 0:56: si sree estes Seis sesuccees 1s 
SRE CMI han sarees anise Gee aha ate eieat ers ee ein eins 36 


This solution would contain about 5 per cent. of aluminum oxic 
by weight, and if added to the extent of 0.5 per cent. would in- 
troduce 25 mg. of aluminum oxide per 100 grams of sausage, 
slightly less than the amount found. 


1e 


It is quite possible that in time the sausage might absorb tl 
entire amount of the aluminum salt contained in the liquor by 
reason of its diffusion through the casing. When liquor con- 
taining the preservative comes in contact with the ground sausage 
the aluminum is fixed by the constituents of the meat as a com- 
pound which is insoluble in boiling water, and boiling hydro- 
chloric acid of tenth-normal strength, and only slightly soluble 
in a mixture of equal parts of the strongest hydrochloric acid and 
water. To illustrate: 50 grams of sausage were mixed with the 
liquor from a can (190 ce. in volume) and allowed to stand for 
forty-eight hours in the refrigerator of the laboratory, the liquor 
filtered off, ashed and the aluminum tested for, with negative 
results. In this connection there have been noted in the laboratory 
instances of the apparent diffusion of other preservatives through 
the casings of sausages, manufacturers having alleged that boric 
acid had been used by them in the liquor only and that the edible 
part of the product would not become contaminated. In every 
case, however. we have found considerable quantities of boric acid 
in the sausage itself, although in less amount than was present in 
the liquor. 

The claim is made for this, as for every other preservative, 
that it is harmless. It is not the purpose of this work to ada 
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more testimony to that already collected on the injurious effect 
of soluble aluminum salts upon the human digestion. The con- 
sensus Of opinion is that such salts retard the digestion, both in the 
stomach and intestines. 

The only question to be answered then is as to the solubility 
of the salt present in the digestive fluids. As has been stated, it 
is insoluble in boiling water and dilute hydrochloric acid. If, 
however, 50 grams of the sausage be treated for four hours at 
40° C, with 100 ce. of 0.33 per cent. hydrochloric acid containing 
0.1 gram of Merck’s pepsin, filtered, a portion of the filtrate ashed, 
and tested for aluminum, no small, quantity of that metal will 
be found. 

To determine the proportion of the preservative which would 
be dissolved in the stomach during digestion, the following ex- 
periments were tried: 50 grams of the two samples (Nos. 1 and 
2), finely ground, were digested with 200 cc. of the above pepsin 
solution for twelve hours, an aliquot portion filtered off, and the 
aluminum determined. Sample No. 1 contained 14.9 mg. of 
aluminum oxide per 100 grams of the sausage, of which 12 mg. 
were dissolved by the solution, or 82.7 per cent. Sample No. 2 
contained 34 mg. of aluminum oxide per 100 grams of sausage 
of which 24 mg. were dissolved, or 70.3 per cent., showing that 
a verv large proportion of the compound is dissolved during the 
process of digestion and becomes a retarding factor. Acknowledg- 
ment is herewith made to Dr. W. D. Pigelow for valuable sugges- 
tions in planning this work. 


Foop LABORATORY, U.S. DEPT. OF AGR. 


THE DETECTION OF MINERAL OIL IN DISTILLED GREASE 
OLEINES. 


BY AUGUSTUS H. GILL AND STEPHEN N. MASON. 


Received April 6, 1904. 

[x tHE woolen industry a large quantity of soap and oil is 
used in cleansing, oiling and milling the wool, yarn and cloth, 
during the different processes of manufacture. 

Formerly all the waste from this washing went into the streams 
and was lost, also polluting the water, and making it unfit for 
other purposes. At the present time this waste is recovered, and 
after suitable purification, is used over again. 
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The soap-suds are collected in large tanks! (of 6,000 to 8,000 
gallons’ capacity) and a mineral acid, usually sulphuric or pret- 
erably hydrochloric acid, is added to precipitate the fatty acids, 
the mixture thoroughly stirred and allowed to settle. The fatty 
acids rise to the top, are skimmed off, and thrown upon cloth or 
sand filters to drain. The fatty matter, thus collected, which is 
known as the “magma” or “sake,” is packed in cloth bags, and 
pressed hot. The dark greasy product thus obtained is known 
as “recovered grease,” or under the trade name of “dégras.” This 
is used for stuffing leather, making soap, in the manufacture of 
lubricating greases and wool oils. It is, however, particularly in 
England, often distilled, as is described below. 

The distillation is carried on in cast iron stills (wrought iron 
cannot be used as it is rapidly corroded by the fatty acids), con- 
nected with suitable condensing apparatus. In most works, jets 
of superheated steam are used in addition to direct heat to lift the 
heavy vapors from the still, as it is claimed that this gives a larger 
vield of useiul products, and that the quality is better than when 
direct heat alone is used. There are several fractions in the dis- 
tillate, but the one that interests us is known as the “‘first distilled 
grease.” This product may be redistilled for further purification, 
or it may be subjected directly to pressure, yielding as products 
a solid “stearine,” and a liquid “oleine.”” It is to be noted that 
the name “oleine’ is not indicative of the chemical composition 
of the oil, although it contains oleic acid, but is used to distin- 
guish it from the solid stearine. 

These distilled grease oleines are largely used for oiling wool, 
hence are generally known as “wool oils.” The analyses of sev- 
eral distilled grease oleines, as given by Lewkowitsch,? are as 
follows: 


Free fatty acids. Unsaponifiable Neutral 
Gravity. Per cent. matter. oil. 
0.9083 55-3 35.9 8.8 
0.9031 55-02 34.66 9.2 
0.8980 56.26 29.46 11.95 
9.9000 59.83 38.92 1.25 


Those upon which we worked showed the following compo- 
sition : 


1 Condensed from Hurst: /. Soc. Chem. [nd., 8, 90. 
2 ‘* Analysis of Fats, Oils and Waxes,” 2nd edition, p. 711. 
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Unsaponifiable 


Fatty acid. matter. Neutral oil. 
i iis Pevettat ) 50-7 46.5" 2.8 
( 50.7 45.07 4.3 
Oil B......eeeeees 36.3 40.6! 23.1 
OW Giecccicias aeeee Ager 38.3? ”T" 
; ( 45-5 41.47 13.1 
Oil D.... tater aa pee ie 


These four were from the following sources: Oil A, a pure 
oleine imported directly from the manufacturers by one of us. 
Oil B, a pure oleine from a local dealer. Oil C, a pure oleine 
from a manufacturer’s agent. Oil D, an oleine of doubtful purity 
from a dealer in this country. 

All but D were guaranteed pure and, in particular, free from 
any admixture with mineral oil. 

The composition of the oleines varies greatly according to the 
grease from which they are prepared. They contain, in general, 
saponifiable esters of the fatty acids, 7. ¢., neutral fats, free fatty 
acid, and unsaponifiable matter, consisting of cholesterol, iso- 
cholesterol, and other higher alcohols characteristic of wool fat, 
and hydrocarbons formed by breaking up of the fatty acids during 
distillation; ¢. ¢., cetyl palmitate splits into cetene and palmitic 
acid, according to the following equation: 


C,;H,,COOC,,.H,; = C,;H,,COOH + C,,.H;). 


These hydrocarbons resemble so closely those in mineral oils 
that the latter are difficult of detection when mixed with distilled 
grease oleines. Hence there is a temptation for dealers to adul- 
terate these oleines with the cheaper mineral oil. The object of 
this work was to establish reliable means of detecting such adul- 
terations of mineral oil in these distilled grease oleines. The 
method of procedure in obtaining the hydrocarbons from these 
oleines, consisted in saponification with alcoholic potash, extraction 
of the unsaponifiable matter with gasoline, and the treatment of 
this matter with boiling acetic anhydride to separate cholesterol 
and other higher alcohols, leaving the hydrocarbons pure. These 
hydrocarbons, prepared from different samples of distilled grease 
oleines, were compared directly with mineral oils, which would 
be likely to be used for adulteration. 


1 Unsaponifiable matter determined from saponification number. 
* Unsaponifiable matter determined by extraction with gasoline. 
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The extraction of the unsaponifiable matter was carried out as 
follows: 200 grams of the oil were saponified by boiling on a 
water-bath two or three hours with an excess of alcoholic potash 
(120 grams to the liter) in a 750 ce. flask, provided with a return 
flow condenser. When the saponification was complete the solu- 
tion was transferred to a liter separatory funnel and shaken sev- 
eral times with 300 to 400 ce. of redistilled gasoline (86° Dé), 
The soap solution was thrown away. The gasoline solution was 
concentrated to ahout one-half its volume and washed with warm 
water mixed with a little alcohol, in the separatory funnel until 
all the soap was removed. The remainder of the gasoline was 
distilled off in the water-bath, and the residue heated to 130° C. 
in a porcelain dish to drive off the water and last traces of gas- 


oline. 

from the saponification numbers of the different oils, the 
requisite amount of alccholic potash was calculated, and 100 per 
cent. excess emploved. After the saponification, when gasoline , 
was first added and the mixture thoroughly shaken, no separa- 
tion into two layers occurred, even after several hours’ standing. 
Salt was added, but without effect. Finally water was added in 
small quantities until two distinct lavers formed. In washing 
the gasoline solution water alone was tried, but did not appreciably 
dissolve the soap. When warm water. mixed with a little alcohol, 
was used the soap dissolved readily. In heating the oil to 130° C. 
to drive off water, a very small flame, or better, an electric stove 
should be used, and the oil constantly stirred to prevent bumping. 
A thermometer serves well as a stirring rod. 

The unsaponifiable cil was freed from cholesterol and other 
higher alcohols by boiling for an hour with 100 cc. of acetic an- 
hydride in a flask provided with a return flow condenser, and 
heated over a sand-bath. Water was added, and the solution 
transferred to a separatory funnel where it was washed with water 
and alcohol until the upper layer was clear and no odor of acetic 
acid was perceptible. The cholesterol and higher alcohols were 
dissolved by the acetic anhydride, leaving the hydrocarbons. 

After submitting the oils to this process, a determination of 
their saponification number was made and if more than 0.2 cc. 
of alcoholic potash was used up, the treatment with alcoholic 
potash and acetic anhydride repeated. 
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The bromine numbers of the hydrocarbon oils were determined 


according to MeclIlhiney’s process." 


TABLE I.—BROMINE NUMBERS OF HYDROCARBON OILS FROM DISTILLED 


GREASE OLEINES. 


Addition Substitution Total. 
BU Aira ccwiep nc ciniewwna salen eieataes 28.8 14.2 57-2 
Ce i cade auew ede anwar aeawel 2501 14.8 54.7 
MEO eaa va acaid cama naiceue ecaatuie Zr.5 16.8 55.1 
Ce oc ctawe cane cuuaawes aaaemnae 3.8 9.0 21.5 


Mixture of 50 per cent. oil A and] 


- ‘ 9.0 12.55 
50 per cent. white rose oil.... f 


ioe) 
+ 
“I 


TABLE II.—BROMINE NUMBERS OF PURE MINERAL ‘‘ WOOL OILS.”’ 


Extra white rose oil...........+- 53 5.6 16.9 
White £066 Obl o<.cc éc:06:s2 ecpareee ies 5,3 5.9 ty a | 
Eclipse white spindle oil ........ 4.5 8.4 2553 
Eagle neutral oil .......--..e.e. 4.4 6.7 17.7 
MM Wool Stock, <<csscccccs csices 5.9 715 20.9 
Average for pure mineral oils..-- 5.2 6.8 18.8 


‘the next means of distinguishing between the mineral oils 
and the hydrocarbon oils from the pure distilled grease oleine 
was the optical activity of the various oils, as shown by the 
Laurent polariscope. The undiluted oils were so cloudy and so 
much colored that it was impossible to obtain readings, hence 
they were diluted with ten parts of benzene. Even then readings 
were made with difficulty and were only accurate to within five 
minutes. 

As the amount of rotation depends on the concentration of the 
optically active substance, the rotation for the pure oils would 
have been eleven times that of the actual readings. Mineral 
hydrocarbons are supposed to be optically inactive, but a small 
rotation was found in each case. This may have been due to the 
inaccuracy of the readings. 

The results obtained with the polariscope are shown in the 
table below: 


1 This Journal, a1, 1084. 
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TABLE III.—ROTATION OF DISTILLED GREASE HYDROCARBONS AND 
MINERAL OILS. 


Name of oil. Average of actual readings. Rotation for pure oil. 
: A ccsccvccccseccccsesesccscces § £° 38/ 17° 58’ 
MB prorat g Slatalavehodvarsl eis aieeeieiw els os 1° 36/ 17° 36/7 
ROS Sipe Sable atk: Dina bela eee Warlammiets Fo23/ ES° §2” 
TDi wiswsretsiie aes euiewenines oeseee 16/ 2° 56’ 
E (mixture of A+ rose)..-.-. 53.4’ 9° 47’ 
MRE NRE ik Sieelaip love ta paieisveincere 6’ g° G6 
Venango neutral......... ceeee 11,27 7 ae 
Eagle neutral.......ssessesees af 1-497 
i 2 Wool stack «+06 .c00cccccs vce 6.87 1° 15/ 
Average for pure distilled grease hydrocarbons....---- 16° 56’ 


Average for pure mineral Oils...+.+++ sees cece eeeeeeee 1° 257 


The fluorescence of the oils is also a means of distinguishing 
the mineral oils, which give a blue color, from the distilled grease 
oleines, which give a green color. It was found that oils A, B 
and C gave a green fluorescence; oil D gave a blue fluorescence; 
oil E gave a greenish fluorescence. Of the mineral oils, White 
rose, Extra white rose, Eclipse white spindle, XX Wool stock and 
Venango neutral, all gave a blue fluorescence. The only exception 
# to the fluorescence rule in the case of the oils used was the Eagle 

neutral oil, which was green, while all the other mineral oils were 
blue. 

The specific gravities of the oils are so close together that this 
is not a reliable means of detecting mineral oil, although the min- 
eral oils have a somewhat lower specific gravity. The specific 
gravities of the oils are shown in Table IV. The indices of re- 
fraction, as determined by the Abbé-Zeiss refractometer, show a 
decided difference between the two classes of hydrocarbons. This 
is also shown in Table IV. 

The only exception to the rule was in the case of oil D, which 
all the other tests showed to be mixed with a mineral hydrocarbon 

: oil. This oil had an index of refraction of 1.4921, nearly as high 
as the pure distilled grease hydrocarbons. 


TABLE IV.—SPECIFIC GRAVITY AND INDEX OF REFRACTION OF DISTILLED 
GREASE, HYDROCARBONS AND MINERAL OILS. 


if Index of refrac- 


Name of oil. Specific gravity. tion at 20° C. 
) AGicrcwrclereitelareaiite elves sesceccees 01896 1.4967 
' Bu ceorceccoee tee eeeeeeeeeeeee 0.902 I.499I 


RUslorarelaxsisieiorsi crete iars ais 1.4948 
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TABLE I1V.—( Continued). 
Index of refrac- 


Name of oil. Specific gravity. tion at 20° C. 
DY ore saanisjecelncieines Seeisereats ° 1.4921 
EB mixture <<< << Kawicewaleloweue ideigcs 1.4850 
Extra white rose ...... coeeeees 0.848 nee 
White rose..... bene cseeswees O05 1.4735 
Eclipse white spindle...-...... 0.855 jj = —— seees 
Venango neutral ........++.ee- sees 1.4662 
Eagle neutral ..-......-+-- +++ 0.859 1.4750 
XX Wool stock .........+0.. +» 0,863 1.4709 


The results of the various tests, as applied to the different pure 
oils and the mixture oil E, of 50 per cent. oil A and 50 per cent. 
White rose oil, seem to show that there are three or four reliable 
methods of detecting mineral oils in distilled grease oleines. First, 
the bromine numbers, and particularly the addition numbers, of the 
hydrocarbons from the pure oleines are much higher than those 
of mineral hydrocarbon oils. Second, the distilled grease hydro- 
carbons are optically active, giving a rotation for the undiluted 
oil of from 16° to 18°, while the mineral hydrocarbons are in- 
active, or give only a slight rotation, 1° or 2°. Third, the indices 
of refraction of mineral oils are lower than those of the distillec 


jar 


grease hydrocarbons. Fourth, the fluorescence of mineral oils is 
in general blue, while that of the oleine hydrocarbons is green. 
These tests, as applied to oil E, and a mixture of 50 per cent. oil A 
and 50 per cent. White rose oil, gave results from which the fol- 
ing percentages of mineral oil were calculated. 


Mineral oil. 


Test. Per cent 
Bromine number......-.... arte aratar aed ecate Hoc 56.7 
Polariscope «--- 2-22 esesceccccsscececcce sees 48.6 
Fide GF PeRraCtiOn cies occ ete <ecceasnencccines 50.4 


An investigation is in progress to determine the nature of these 
distilled grease oleine hydrocarbons. 

In conclusion, we wish to express our indebtedness to Mr. 
Royal L. Wales for careful preliminary work leading up to this 
investigation. 


MASSACHUSETTS INSTITUTE OF TECHNOLOGY. 
























APPARATUS AND METHOD USED IN SAPONIFYING COM. 
POUNDED OILS. 


By P. H. CONRADSON, 


i Received March 16, 1904. 

Tue following method, with accompanying photograph show- 
ing a saponifying apparatus, | have found very useful and con- 
venient in saponifving compounded lubricating oils, especially 
those containing heavy thick petroleum oils, such as valve and 
cylinder oils, and, of course, the apparatus is equally well adapted 
for any oil or fat. 




















. APPARATUS. 

(1) A 300 ce. solid, pure silver flask (made for me by Queer 
& Co., of Philadelphia) with wide and true ground neck, shape 
of the flask as shown in the photograph. (2) A medium Soxhlet’s 
extraction tube filled with glass beads or broken marbles up to 
or a little above the upper bend of the siphon tube. (3) A 12-inch 
glass return condenser, according to Allihn. (4) 1, 2 and 3 
properly connected with good corks, and placed on a tripod, on 
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which rests two asbestos blocks, as shown in the photograph, a 
thinner under one, and a thicker one with tapered holes cut out 
in the center to fit the silver flask; between the two asbestos blocks 
or plates is put an iron ring on which rests a small iron plate, 
fitting the somewhat concave shape of the bottom of the silver 
flask. All these parts are clearly indicated or shown on the 
photograph. 

With an apparatus fitted up in this way there is no danger of 
the flask breaking; it can be left to itself, and a direct gas flame 
used for the boiling. Having a great deal of this kind of work 
to perform, I scon found glass flasks very unsatisfactory either 
from breaking, or the caustic potash solution used in saponifying 
soon begins to act on the glass in the flasks to such an extent 
as to seriously interfere with obtaining correct results. I there- 
fore conceived the idea of having a couple of silver flasks made, 
as shown in the photograph, and they have given entire satis- 
faction; they have been in constant use for the last four or five 
years, and are now as good as new. 

The Soxhlet’s tube acts like an automatic agitator by the in- 
termittent filling and emptying through the siphon tube, thus 
facilitating the saponifying process. 

STANDARD AICOHOLIC POTASH SOLUTION USED IN SAPONIFYING 

FATS AND OILS. 

I use practically a half-normal alcoholic caustic potash solu- 
tion made as follows: 50 grams pure caustic potash, dissolved 
in 680 cc. of pure 95 per cent. grain alcohol; allow the solution 
to stand for a while in a dark place to settle, then filter through 
an asbestos filter, and add to the filtrate 300 cc. of distilled water, 
shaking well, and allow the solution to stand for a day before 
standardizing. Twenty-five cc. of this solution requires about 
50 cc. of fourth-normal hydrochloric acid. To standardize this 
alcoholic potash solution I proceed exactly in the same way as 
in saponifying oils, which will be described below, besides stand- 
ardizing the same direct with fourth-normal hydrochloric acid, 
and fourth-normal caustic potash, using phenolphthalein as in- 
dicator. 

SAPONIFICATION PROCESS FOR COMPOUNDED OILS. 

The amount of oil taken depends upon the amount of saponifi- 

able fat or oil expected to be present in the sample, varying from 
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2.5 to 10 grams. If the oil contains 35 to 65 per cent. saponifiable 
fat or oil, I use 5 grams or less, and if less than 20 per cent., 1c 
grams. Weigh out the oil in a small beaker, warm if necessary, 
transfer the oil from the beaker to the silver flask by means of 
15 to 20 cc. of 88° gasoline, add 25 cc. of the standard alcoholic 
potash solution from a 25-cc. pipette (after drawing up the solu- 
tion in the pipette to a little above the mark, wipe off the outside 
lower part of the pipette), allow the pipette to drain, have 80 cc. 
strong neutral alcohol in a 100 cc. measure, draw up alcohol into 
the pipette, about 20 to 25 cc. at a time, so as to rinse out the 
pipette and allow alcohol to run into the flask; in this way the 
pipette is entirely freed from the potash solution adhering to the 
inside walls and sides of the pipette. Connect the flask as shown 
in the photograph, and already described; boil quite briskly from 
five to eight hours. 

Heavy, thick, compounded oils, such as cylinder and valve oils, 
containing heavy petroleum stocks, take a longer time to saponify 
than thin, light oils. After boiling a sufficient length of time, 
shut off the heat, remove the silver flask, and add to the flask 
any alcohol that may be in the Soxhlet tube. Then proceed 
to titrate to determine the amount of caustic potash used in 
saponifying the oil; to this end add a little phenolphthalein as 
indicator to the flask, and add gradually hydrochloric acid (fourth- 
normal and standardized against fourth-normal caustic potash) 
in small excess, or until the red color disappears on shaking 
(owing to the wide mouth and neck it is very easy to see when 
the red has gone, even with dark-colored oils), then transfer the 
contents in the silver flask to a 300-cc. glass flask, rinse out the 
former with a little neutral alcohol and a little 74° benzine, add 
to the silver flask 5 cc. hot water and 2 cc. of the fourth-normal 
hydrochloric acid, shake (this to dissolve any potash that might 
remain in the silver flask), add this to the contents in the glass 
flask, put on a steam- or water-bath and heat to boiling, boii for 
a few minutes (to drive off any carbonic acid that might be pres- 
ent), then neutralize the contents in the flask with fourth-normal 
caustic potash and calculate in the usual way how much caustic 
potash has been used from the number of cubic centimeters re- 
quired, and from it the amount of saponifiable fats present. 

For most fats or oils such as tallow oil, lard oil, cotton-seed oil, 
maize or corn oils, the same standard factor or equivalent can be 
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used; if rape, colza or sperm oils are present, of course, it will 
be necessary to separate the total free fatty acids, and from this 
calculate the amount of saponifiable fats present. 


FRANKLIN, PA., 
February 1, 1904. 


[CONTRIBUTIONS FROM THE HAVEMEYER LABORATORIES OF COLUMBIA 
UNIVERSITY, No. 96. ] 
THE DETERSIUNATION OF MOLYBDENUM IN STEEL AND 
IN STEEL-MAKING ALLOYS.’ 
By FREDERICK VAN DYKE CRUSER AND EDMUND H. MILLER. 
Received March 15, 1904. 


INTRODUCTION. 


As THERE is difficulty in obtaining an accurate and rapid esti- 
mation of molybdenum in steel and in steel-making alloys, the 
following work was undertaken in order to compare the best 
methods now in use. It was also the object of the investigafors 
to point out the reasons for the discrepancies in the several 
methods, and, if possible, to devise a rapid and accurate method 
which will not be affected by the impurities in molybdenum steel, 
or by the other metals which are sometimes added, or may in 
future be added. The impurities are silicon, phosphorus, sulphur, 
manganese and copper: metals added are molybdenum, tungsten, 
chromium, and those which may in future be added are uranium 
and vanadium. 

PART I. 


In making a determination of molybdenum in steel and in steel- 
making alloys, the main difficulty is the separation of molybdenum 
from iron. 

There are two general methods for this separation. The first, 
and most commonly used, is to separate the iron from the 
molybdenum as ferric hydroxide, and the second is to separate 
the molybdenum from the iron as sulphide of molybdenum. 

After the separation of the iron the molybdenum may be de- 
termined by three different methods. First, by reduction and 
titration with potassium permanganate; second, precipitation of 


! Read at the meeting of the New York Section of the American Chemical Society, 
January 8, 1904. 
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the molybdenum as lead molybdate; third, by weighing the 
molybdenum as molybdenum disulphide. There are several other 
means of estimating molybdenum, but they do not seem to merit 
extensive consideration; therefore, in comparing the different 
methods now used for analyzing steel for the molybdenum con- 
tent the separation of molybdenum and iron will first be consid- 
ered, and then the estimation of the molybdenum. 

In order to test the efficiency of these two separations it was 
thought advisable to conduct a large number of experiments on 
solutions of pure salts, made up with varying proportions of iron 
and molybdenum. In beginning the work, two burettes were 
standardized against a standard 2-cc pipette; 7 liters of potassium 
permanganate solution were made up approximately N/1Io, filtered 
and standardized against pure iron ammonium sulphate, and 
against pure oxalic acid, the results agreeing. About I gram 
of iron ammonium sulphate was used for the titration, and 0.3 
gram of oxalic acid, the titrations being made in duplicate. A 
solution of ferric chloride was made up, containing approximately 
50 mg. of iron per cubic centimeter. This solution was standard- 
ized against the standard potassium permanganate solution. Four 
liters of a solution of ammonium molybdate were then made up, 
containing approximately 5 mg. of molybdenum per cubic cen- 
timeter and the strength of the solution determined. 

As the accuracy of all the subsequent results depended upon 
the accuracy of the molybdenum content in this solution, it was 
necessary to standardize by different methods, and to have them 
check. 

Conditions for Precipitating Molybdenum as Lead Molybdate.’ 
—A number of determinations of the molybdenum were made, 
precipitating the molybdenum as Jead molybdate under the follow- 
ing conditions: 

To 30 cc. of the molybdate solution (containing about 150 mg. 
of molybdenum) a few drops of ammonia were added, and then 
2 to 3 cc. of acetic acid (33 per cent.) in excess. The solution 
was diluted to a volume of from 200 to 250 cc. and 4 to 5 grams 
of ammonium chloride added; the solution was heated to boiling, 
and while boiling 45 to 50 cc. of a lead acetate solution (40 grams 
of crystallized lead acetate per liter) were added, then boiled 
for from two to four minutes, with vigorous stirring. The pre- 


1 Ibbotson and Brearley: ‘“‘Analysis of Steel Works Materials,”’ p. 278. 
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cipitate was allowed to settle, filtered through asbestos in a Gooch 
crucible, using suction, and washed by decantation with boiling 
water containing about 5 grams of ammonium chloride in 200 
cc. and a few drops of acetic acid, until free from lead, the 
wash-water being tested with hydrogen sulphide. In wash- 
ing by decantation, the washing solution was kept as hot as possi- 
ble, and the solution stirred thoroughly before allowing the pre- 
cipitate to settle. When free from lead, the precipitate was 
washed once or twice with boiling water. The Gooch crucible 
was heated on an asbestos plate until dry, then with the free flame, 
allowed to cool in a desiccator, and weighed. 


RESULTS. 

Molybdate Weight of lead Weight of Molybdenum per 
solution taken. molybdate found molybdenum found. cubic centimeter. 
cc, Gram. Gram. Gram. 

30 0.5644 0.14765 0.004915 
30 0.5655 0.14793 0.004931 
35 0.0614 0.17302 0.004943 
35 0.6579 0.17211 0.004917 
40 0.7514 0.19657 0.004914 


Not more than 3 cc. of acetic acid should be added, as a large 
excess of acetic acid has a solvent effect upon the lead molybdate. 
Under these conditions the precipitate was granular, settled 
quickly, and filtered easily. 

In order to check the results obtained by this method several 
others were employed : 

First, precipitation of the molybdenum in an acid solution by 
hydrogen sulphide, at a temperature of 80°C. After an hour 
the solution was filtered and the filtrate re-treated as before. This 
was repeated four or five times, and a little more sulphide was 
obtained each time. The precipitation under these conditions is 
incomplete unless repeated several times, as stated by Rose,? 
although used by Dohler? in his method for analyzing steel. The 
molybdenum was then precipitated as molybdenum trisulphide in 
a sulphuric acid solution with hydrogen sulphide under pressure. 
The precipitation was complete, as stated by Treadwell,’ and was 
carried out as follows: 200 cc. of water at the room temperature, 
containing 10 cc. of concentrated sulphuric acid, were saturated 


1 “Traité Complet de Chimie Analytique Analyse Quantitative," 1862, p. 490. 
2 Chem. News, 82, 294, 1900. 
>“ Kurzes Lehrbuch der Analytischen Chemie,” Vol. II, p. 153. 
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with hydrogen sulphide, and added to the molybdate solution in 
a pressure bottle. The pressure bottles used were the ordinary 
citrate of magnesia bottles, of about 350 cc. capacity. After adding 
the solution, hydrogen sulphide was passed through until the pre- 
cipitate collected ; the bottles were then closed, placed in a water- 
bath and heated at 100° C. for from one to two hours; after cool- 
ing, the sulphide was filtered on a Gooch crucible, and washed 
by decantation with water containing sulphuric acid (1:50) satu- 
rated with hydrogen sulphide. The sulphide was then converted 
into oxide, as described by Treadwell. The results were low, 
0.004733 to 0.004776 gram molybdenum per cubic centimeter. 
Converting the molybdenum trisulphide to molybdenum disul- 
phide, as used by Blair,? was attempted, with no uniform results. 
Evaporating the molybdate solution with dilute nitric acid in 
a platinum dish was then tried, adding more nitric acid, and 
evaporating to dryness several times, to obtain molybdenum tri- 
oxide. This gave high results, 0.005064 to 0.005095 gram per 
cubic centimeter. 

As these high results might be due to small traces of alkali 
in the ammonium molybdate, or other impurities, it was thought 
that the best method to separate them would be to use the elec- 
trolytic method, as given by Kollock and Smith.* Accordingly, 
different amounts of the molybdate solution were electrolyzed 
according to their conditions of precipitation, using a platinum 
dish as a cathode. After the deposition was complete (on testing 
the solution by adding hydrochloric acid, tin and potassium thio- 
cyanate, no red color was obtained) the sesquioxide was dis- 
solved in nitric acid, evaporated to dryness and heated to con- 
stant weight. The results checked those of the lead molybdate 
precipitation, 7. ¢., 0.004908 gram per cubic centimeter. 

Having determined the strength of the molybdate solution, the 
potassium permanganate solution was standardized against it, 
under the following conditions: Volume, 200 cc.; acidity, 6 cc. 
of concentrated sulphuric acid; temperature, 21° C. A reductor 
45 cm. long and 1.5 cm. in diameter was used, filled with granu- 
lated zinc. The solution was poured into the reductor, and then 
suction applied. The solution was run through the reductor twice, 


1 “ Kurzes Lehrbuch der Analytischen Chemie,” Vol. II, p. 184. 
2 “Chemical Analysis of Iron,” 4th edition, pp. 199-200. 
3 This Journal, 23, 669 (1901). 
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followed by 200 cc. of water, not allowing air to be sucked through 
during the pouring, and titrated immediately with potassium per- 
manganate. A “blank” consisting of 200 cc. of water and 6 cc. 
concentrated sulphuric acid was run and the permanganate re- 
quired was subtracted. 

Separation of Molybdenum from Iron by Precipitation as Mo- 
Iybdenum Trisulphide by Hydrogen Sulphide under Pressure and 
Titration with Potassium Permanganate.—-Different proportions 
of molybdenum and iron were taken and treated in the following 
manner: The molybdate and iron solutions were run into a 
pressure bottle (as previously described) and a drop or two of 
dilute sulphuric acid added to prevent the formation of a pre- 
cipitate of ferric molybdate. Two hundred cc. of sulphuric acid 
(1:20) were then saturated with hydrogen sulphide and added 
to the pressure bottle, at the room temperature. Then a very 
rapid stream of hydrogen sulphide was passed through the solu- 
tion in the bottle, which prevented the sulphide from adhering 
to the glass tube. The bottle was closed and placed in a boiling 
water-bath and heated for from one to two hours, then allowed 
to cool, emptied into a beaker, the bottle washed out with water, 
and the precipitate allowed to settle. The solution was filtered 
through a Gooch crucible by decantation, using suction, and 
washed with about 300 cc. of dilute sulphuric acid (1:50) satu- 
rated with hydrogen sulphide. The precipitate was transferred 
to the Gooch crucible, and washed two or three times with water. 
The precipitate and filter were transferred to a casserole, I0 cc. 
concentrated sulphuric acid, 10 cc. concentrated hydrochloric acid 
and 5 cc. concentrated nitric acid were added, and the contents 
evaporated to fumes of sulphur trioxide. Dissolving the pre- 
cipitate directly through the filter by different acids was tried, 
but without success. In evaporating to fumes of sulphur tri- 
oxide, great trouble was experienced at first by the bumping of 
the solution. This was finally overcome by blowing air through 
the solution during the evaporation. After evaporation, the solu- 
tion was allowed to cool, diluted with water, and washed into a 
beaker. A slight excess of ammonia was added, and the solution 
filtered to remove the asbestos and a small quantity of ferric hy- 
droxide. The precipitate was washed with hot water until the 
filtrate had a volume of 200 cc., neutralized with sulphuric acid, 
6 cc. concentrated sulphuric acid added and allowed to cool. 
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When at room temperature, the solution was reduced and titrated 
under exactly the same conditions as used in standardizing. The 
results obtained are given below: 


Iron taken. Molybdenum taken. Molybdenum found. 
Gram. Gram. Gram. 
0.10760 0.00197 0.00189 
0.10760 0.00197 0.00220 
0. 10760 0.00492 0.00487 
0.10760 0.00984 0.01163 
0.10760 0.02460 0.02374 
0. 10760 0.04921 0.04953 
0.05380 0.04921 0.04937 
0.02690 0.04921 0.05095 
0.00538 0.04921 0.04875 
0.00215 0.04921 0.04969 


In each case it was observed that there was iron present after 
dissolving the molybdenum trisulphide in the mixture of acids 
and adding ammonium hydroxide. Therefore, it was thought 
advisable to determine whether the iron was carried down with 
the molvbdenum sulphide, either mechanically or chemically, or 
whether it came from some outside source. 

Two solutions containing 0.1076 gram iron and 0.04921 gram 
molybdenum were precipitated with hydrogen sulphide under 
pressure, and treated as already described. Having dissolved the 
molybdenum trisulphide, ammonia was added to the solution in 
excess, and the solution filtered. The precipitate remaining on 
the filter had the characteristics of ferric hydroxide and, when 
dissolved in hydrochloric acid, gave a deep red color with potas- 
sium thiocyanate. A blank consisting of asbestos, water and the 
same amounts of acids was run under the same conditions, and 
gave only a trace of iron. This showed that the iron present 
came from the precipitation with hydrogen sulphide under pres- 
sure, and proved that it is necessary to remove it by adding am- 
monium hydroxide. In order to determine whether it was possible 
to obtain any precipitation of iron by hydrogen sulphide under 
pressure, two similar solutions were precipitated under the same 
conditions, except that no molybdenum was added, and no iron 
was found. In order to determine the amounts of iron present, 
several tests were made upon varying proportions of molybdenum 
and iron. The operation was conducted according to previous 
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conditions, and the iron weighed as ferric oxide in a platinum 
crucible. 


Molybdenum taken. Iron taken. Ferric oxide obtained Iron obtained 
Gram. Gram. Gram. Gram. 
0.00492 0.10760 0.00010 0.00007 
0.00984 0.10760 0.00020 0.00014 
0.02460 0.10760 0.00030 0.00021 
0.04921 0.107 0.00050 0.00035 


Each ignited precipitate was red, and when dissolved in hy- 
drochloric acid gave a deep red color with potassium thiocyanate. 
These results indicate that the contamination is mechanical. 

Separation of Iron from Molybdenum by Precipitating the Iron 
as Ferric Hydroxide by Sodium Hydroxide and Titrating the 
Molybdenum with Potassium Permanganate.—As there seemed 
to be some difference of opinion’ in regard to the use of sodium 
hydroxide or ammonium hydroxide in precipitating iron from a 
molybdate solution, it was thought advisable to determine which 
precipitant gives the best results. 

Varying proportions of molybdenum and iron were taken and 
precipitated by adding 70 cc. of sodium hydroxide solution (1: 10) 
to the mixture of molybdenum and iron in a bulk of 50 to 60 cc., 
acid with 2 cc. sulphuric acid. The solution was stirred, the pre- 
cipitate allowed to settle, and then filtered and washed with hot 
water until the filtrate had a volume of 200 cc. The precipitates 
of ferric hydroxide were dissolved in dilute sulphuric acid, and 
reprecipitated and washed as before. The filtrates obtained were 
neutralized with sulphuric acid, then 6 cc. concentrated sulphuric 
acid added to each, allowed to cool, reduced and titrated, as usual. 


Potassium Potassium 
permanganate permanganate 

Iron required for required for Molybdenum Molybdenum 
taken. first filtrate. second filtrate. found. taken 
Gram. cc. ce. Gram. Gram. 
0.00255 16.15 0.05 0.05041 0.04921 
0.00538 16.2 0.00 0.05041 0.04921 
0.02690 16.2 0.05 0.05057 0.04921 
0.05380 16.2 0.05 0.05057 0.04921 
0.10760 16.1 2.00 0.05072 0.04921 
0.10760 7.9 0.00 0.02458 0.02460 
0.10760 353 0.00 0.01027 0.00984 
0.10760 i7 0.00 0.00529 0.00492 
0.10760 0.75 0.00 0.00233 0.00197 


1 F. T. Kopp: This Journal, 24, 186 (1902); J. Brakes: /. Soc. Chem. Ind., 21, 832 
(1902); G. Auchy: This Journal, 24, 273 (1902) ; G. Auchy: This Journal, 2§, 215 (1903). 
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All but one of the results are slightly high. In order to deter- 
mine whether this might be overcome by increasing the strength 
of the sodium hydroxide solution used for precipitation, 0.04921 
gram of molybdenum and 0.1076 gram of iron were precipitated 
in 50 cc. bulk with 70 cc. of sodium hydroxide solution (1:5). 
The amount of molybdenum found in the two filtrates was 0.05088 
gram. Then 0.04921 gram molybdenum and 0.1076 gram iron 
were taken and precipitated as before, using 105 to 110 cc. sodium 
hydroxide solution (1:5). The amount of molybdenum found 
was 0.05057 gram. This showed that the discrepancy cannot be 
eliminated by the addition of more of the precipitant. In order 
to find out whether these high results were due to impurities in the 
iron solution used, 0.1076 gram of iron was taken and 2 cc. sul- 
phuric acid added as before and precipitated in 50 cc. bulk with 
an excess of sodium hydroxide, and treated as before. The num- 
ber of cubic centimeters of potassium permanganate required was 
the same as for the blank. 

Separation of Iron from Molybdenum by Ammonium Hydrox- 
ide, without Boiling out the Excess of Ammonium Hydroxide, 
and Titration with Potassium Permanganate.—This series of ex- 
periments was carried out under the same conditions as when 
precipitating with sodium hydroxide, 30 cc. ammonium hydroxide 
(sp. gr. 0.9) being added in excess. 


Potassium Potassium 
permanganate permanganate 

Iron required for required for Molybdenum Molybdenum 

taken. first filtrate. second filtrate. ound, taken. 

Gram. ce. ce. Gram. Gram. 
0.00215 16.5 0.00 0.05134 0.C492I 
0.00538 16.65 0.00 0.05184 0.04921 
0.02690 16.75 0.00 0.05212 0.04921 
0.05380 15.9 0.5 0.05103 0.04921 
0.10760 16.3 0.4 0.05197 0.04921 


These results show conclusively that sodium hydroxide gives 
a more accurate separation of iron from molybdenum than am- 
monium hydroxide. 

In order to determine whether the excess of ammonium hy- 
droxide caused this increased discrepancy, ammonia was added 
as before and then boiled out completely with the following re- 
sults, the other conditions being maintained as given: 
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Potassium Potassium 
permanganate permanganate 
Iron required by required by Molybdenum Molybdenum 

taken. first filtrate. second filtrate. found. taken. 

Gram. ce. ce; Gram. Gram. 
0.00215 16.1 0.05 0.05010 0.04921 
0.00538 15.2 0.35 0.04839 0.04921 
0.02690 15.15 0.5 0.04870 0.04921 
0.05380 13.15 1.35 0.04512 0.04921 
0.10760 II.20 0.8 0.03734 0.04921 
0.10760 1.80 2.25 0.01260 0.02460 
0.10760 0.35 2 0.00171 0.00984 
0.10760 0.3 0.00 0.00093 0.00492 
0.10760 0.05 0.00 0.00015 0.00197 


These results show that boiling the ammonia out of the solu- 
tion renders the results worthless. As the molybdenum solution, 
when treated alone, gave no precipitate, the error is due to the 
formation of an iron molybdate which is precipitated in a neutral 
solution. 

This fact led to the belief that the high results obtained in the 
sodium hydroxide and ammonium hydroxide separations were due 
to the formation of a ferric molybdate, which was slightly solu- 
ble in excess of sodium or ammonium hydroxide, and thus caused 
high results by the iron being reduced and titrated together with 
the molybdenum. 

Ibbotson and Brearley state’ that when an alkali is added to 
an acidified mixture of ferric chloride and molybdic acid, a point 
is reached at which an insoluble basic ferric molybdate is formed, 
and no perfect separation of the two metals is possible until suffi- 
cient alkali has been added to decompose this compound. Also 
that similar bodies are formed during the separation of chromic, 
tungstic, or vanadic acid from iron. 

It was then undertaken to find iron in the filtrate after separa- 
tion of the iron by the ammonium hydroxide. Two portions con- 
taining 0.04921 gram of molybdenum and 0.1076 gram of iron 
each were taken, and precipitated by ammonia, as described. The 
solutions were filtered, washed with water, and the filtrates 
(200 cc.) were neutralized with sulphuric acid, and 10 cc. of 
concentrated sulphuric acid added in excess. Then the molyb- 
denum was precipitated from this solution by hydrogen sulphide 
under pressure. The solutions were allowed to cool, and filtered. 
The filtrates were evaporated to small bulk, ammonia added, and 


1 “Analysis of Steel-works Materials,”’ p. 81. 
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the solution filtered. The precipitates were washed and dissolved 
in hydrochloric acid. The filtrate from one was divided into two 
equal portions: To one-half, potassium thiocyanate was added, 
and a red color obtained; the other half was reprecipitated with 
ammonia, and redissolved in hydrochloric acid, potassium thio- 
cyanate added, and a red color obtained. The filtrate from the 
other was precipitated twice with ammonia, and finally dissolved 
in hydrochloric acid, potassium thiocyanate added, and a deep 
red color obtained. The precipitate of ferric hydroxide was 
plainly visible. A blank consisting of 200 cc. of water and Io cc. 
of sulphuric acid was run under the same conditions, and only a 
trace of color was obtained and no precipitate of ferric hydroxide 
could be seen. The precipitates of molybdenum trisulphide were 
dissolved in nitric, hydrochloric and sulphuric acids, and evapo- 
rated to fumes of sulphur trioxide. The solution was allowed 
to cool, diluted a little, ammonia added and filtered. The pre- 
cipitates were dissolved in hydrochloric acid, and potassium thio- 
cyanate added, and red colors were obtained. The experiment 
was repeated, using 0.24605 gram of molybdenum and 0.538 
gram of iron. In precipitating with hydrogen sulphide, the hydro- 
gen sulphide gas was passed through two plugs of asbestos, and 
through two wash-bottles, in order to prevent any iron from 
being carried over from the generating flask. The iron was pre- 
cipitated twice with ammonia, ignited and weighed as ferric 
oxide. The weight of ferric oxide found was 0.0005 gram. This 
was dissolved in hydrochloric acid, potassium thiocyanate added, 
and a deep red color obtained. 

These experiments show that the high results obtained are due 
to the formation of a ferric molybdate in small amount, which is 
soluble in the excess of the precipitant. 

The reason that we can find the iron by the foregoing method 
is probably because the relative concentration of molybdenum 
and iron is changed, and therefore not as much ferric molybdate 
is formed as in the initial precipitation, thus allowing some of the 
iron to be precipitated by ammonium hydroxide. 

Separation of Iron from Molybdenum by Sodium Hydroxide, 
and Precipitation of the Molybdenum as Lead Molybdate.’— 


1 Brearley: Chem. News, 78, 203-5 (1898) ; Abs. J. Chem. Soc., 76, 129 (1899) ; Chatard : 
Chem. News, 24, 175; Brearley : Chem News, 79, 2-4, 14-15 (1899) ; Abs. J. Chem. Soc., 76, 
336 (1899); Ibbotson and Brearley: Chem. News, 79,3; Ibbotson and Brearley: Chem. 
News, 81, 269. 
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In order to test the accuracy of the lead molybdate pre- 
cipitation compared with the titration by potassium per- 
manganate, a series of experiments were undertaken, using 
the same concentrations of molybdenum and iron as _ before. 
The details are as follows: Two cc. of hydrochloric acid 
(sulphuric acid could not be used on account of th2 sub- 
sequent precipitation by lead acetate) were added to each solu- 
tion, and they were then diluted to from 50 to 60 cc., 70 cc. of 
sodium hydroxide (1:10) were added, and the solution filtered 
and washed until the filtrate was about 150 cc. in volume. The 
precipitate of ferric hydroxide was redissolved by hydrochloric 
acid and reprecipitated as above. The filtrates were combined 
and boiled down to 200 cc. An excess of ammonium hydroxide 
was added, then 2 to 3 cc. excess of acetic acid (33 per cent.) 
and 5 to 6 grams of ammonium chloride. The solution was heated 
to boiling, 20 to 50 cc. lead acetate solution (40 grams per liter 
of lead acetate) added, depending on the amount of molybdenum 
present, and the solution stirred vigorously for from two to four 
minutes, and then treated as under the conditions already given 
for standardizing the molybdate solution. 

In measuring the smal] amounts of molybdenum for the test, 
5 cc. of the standard molybdate solution were diluted to 100 cc. 
and the proportional amount used. 


Lead molyb- 


Iron taken. Molybdenum taken. date found. Molybdenum found. 
Gram, Gram. Gram, Gram. 
0.00215 0.04921 0.1920 0.05022 
0.00538 0.04921 0.1915 0.05010 
0.02690 0.04921 0.1932 0.05054 
0.05380 0.04921 0.1927 0.05040 
0.10760 0.04921 0.1909 0.04994 
0.10760 0.02460 0.0958 0.02506 
0.10760 0.00964 0.0403 0.01054 
0.10760 0.00492 0.0204 0.00534 
0.10760 0.00197 0.0084 0.00220 


From these results we see that the estimation of molybdenum, 
after the separation of the iron as ferric hydroxide, by titration 
and by precipitation with lead acetate is about equally accurate. 
The molybdate precipitation has a slight advantage in accuracy, 
but as it takes very much longer, the titration method is to be 
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preferred. Two of the precipitates of lead molybdate were dis- 
solved in concentrated hydrochloric acid, diluted with an equal 
volume of water, and extracted with 50 cc. ox ether, the ether 
solution drawn off, diluted with water, the ether evaporated off, 
hydrochloric acid and then ammonium hydroxide added. The 
solution was filtered, and the precipitate was dissolved in hydro- 
chloric acid, and the presence of iron shown by potassium thio- 
cyanate. This experiment was made in order to corroborate the 
theory that ferric molybdate is formed, and is slightly soluble in 
excess of alkali. 
EFFECT OF CERTAIN METALS ON THE VARIOUS METHODS. 


In order to test the different methods when the metals com- 
monly added are present, and also those which in future may be 
added, experiments were made with mixtures of the molybdenum 
and iron solutions, adding vanadium, tungsten, uranium and 
chromium. 

Separation of Iron by Sodium Hydroxide and Titration of the 
Molybdenum by Potassium Permanganate.—In making the fol- 
lowing experiments, the operation was conducted under exactly 
the same conditions as used for the estimation of molybdenum, 
separating the iron by sodium hydroxide and titrating the re- 
duced molybdenum by potassium permanganate, with the ex- 
ception that the iron was not reprecipitated. The relative amounts 
of iron and molybdenum taken were those corresponding to the 
usual molybdenum steel. This relation was kept constant, and 
the amount of other metals varied. 


Iron Molybdenum Molybdenum 


taken. taken. found. 
Gram. Gram. Gram. Gram. 
"7 . é 
si stitial 0.00856 0.00169 | Amount of vanadium added. 


0.1076 0.00492 0.01867 0.00843 ! 
ony = -mangge ORNFIG = 0.00847) paunt of tungsten added. 
0.1076 0.00492 0.01074 0.01210 ) 


0.1076 GieRae? 0.00865 0.00190 } Amount of uranium added. 
0.1076 0.00492 0.00749 0.00951 J 


0.1076 sehttaisi 0.00560 0.00210 | Amount of chromium added. 
0.1076 0.00492 0.00560 0.01048 } 


The vanadium added was pure V,O, (containing 56.22 per 
cent. of vanadium). The uranium salt was uranium nitrate, C. P., 
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Kahlbaum (containing 47.57 per cent. uranium). The tungsten 
was added in the form of sodium tungstate. The amount of 
tungsten in the salt was determined by converting the sodium 
tungstate into tungsten trioxide, and weighing the ignited tungstic 
oxide in a porcelain Gooch crucible. The amount of tungsten 
present in the salt was found to be 60.49 per cent. The chromium 
was added as sulphate, obtained from pure chromic acid. 


From the results obtained we see that vanadium, tungsten and 
uranium all interfere with the method, chromium giving slightly 
higher results than those obtained where iron only is present. 


The vanadium goes partly into solution, some being precipitated 
as a ferric vanadate with the iron, as shown by Pope,’ and thus 
gives high results, being reduced with the molybdenum, and oxi- 
dized by the potassium permanganate during the titration of the 
molybdenum. 


The uranium probably forms a uranyl molybdate, which is 
soluble in excess of alkali, and this is reduced to UO, and oxi- 
dized again to UO,, and gives high results. The filtrates from 
the ferric hydroxide, after adding sodium hydroxide, were yellow 
in color. 


Tungstates and tungstic acid are soluble in alkali, and, of 
course, are present with the molybdenum in the filtrate. 


Separation of Molybdenum from Iron as Molybdenum Trisul- 
phide by Hydrogen Sulphide under Pressure, and Titration with 
Potassium Permanganate.—In order to determine the effect of 
these metals upon the precipitation method by hydrogen sulphide 
under pressure, a series of experiments, similar to the last, were 
conducted. The experiments were pursued under the same con- 
ditions as for the determination of molybdenum in the absence 
of these metals, and the results obtained showed that neither 
vanadium, tungsten, uranium, or chromium interfered, even when 
the quantities were increased. In the case of tungsten 3 to 4 
grams of tartaric acid were added in order to keep the tungsten 
in solution, as in the method for the separation of tungsten from 
molybdenum by H. Rose.? 


1 Pope: ‘Investigations of Magnetic Iron Ores from Eastern Ontario,” Tvans. A. J. 
M. E., 29, 372 (Oct., 1899). 
2 Treadwell : ‘‘ Kurzes Lehrbuch der Analytischen Chemie,’’ Vol. II, p. 187, 1902. 
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Iron Molybdenum Molybdenum 

taken. taken. found. 

Gram. Gram. Gram, 

0.1076 0.00492 0.00529 0.00169 ) 

0.1076 0.00492 ~—- 0.00498 ~_—0.0016 9 | 

0.1076 0.00492 0.00498 0.00843 } Amount of vanadium added, 
0.1076 000492 --0.00§29 (0.00843 | 

0.1076 0.00492 0.00498 0.01687 J 

0.1076 0.00492 0.00482 __— 0.001190 | 


wnays saints aided nant + Amount of uranium added. 
0.1076 0.00492 0.00513 0.00951 | 
0.1076 0.00402 0.00544 0.01902 J 
0.1076 0.00492 0.00560 _—0.00242 | 


0.1076 0.00492 0.00498 spaniel | Amount of tungsten added. 
0.1076 0.00492 0.00529 0.01210 } 


0.1076 0.00492 0.00513 0.01210 J 


—- ca abies pane \ Amount of chromium added. 


0.1076 0.00492 0.00482 0.01048 J 


PART II. 


A new method for the determination of molybdenum in steel 
and steel-making alloys was then devised, founded upon the fore- 
going results, and then tested by the analysis of a set of samples 
of molybdenum steels and alloys, and compared with a typical 
sodium hydroxide separation method, followed by titration with 
potassium permanganate, and the precipitation method as lead 
molybdate. 

After considerable experimenting the following method was 
used for analysis: 

For Molybdenum Steel.—Dissolve about 1 gram of drillings 
in 80 cc. of “silicon mixture” (500 cc. concentrated nitric acid, 
250 cc. concentrated sulphuric acid and 1500 cc. of water’) in a 
porcelain casserole, adding a little at first, as the action is violent. 
Evaporate to fumes of sulphur trioxide. Allow to cool, and add 
50 cc. of hot water and heat to boiling in order to get the salts 
into solution. Pour the solution into a pressure bottle, and add 
6 cc. concentrated sulphuric acid. Dilute until the bulk of the 
solution is about 200 cc. and pass a very rapid stream of hydrogen 
sulphide through the solution until the precipitate collects. Then 
close the bottle and heat in a water-bath at 100° C. for from one 
to two hours. Allow to cool, empty the contents into a beaker 
and wash out the bottle. Filter on a Gooch crucible, using suc- 
1 Phillips’ ‘‘ Methods of Iron Analysis,”’ p. 116. 
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tion, and wash with dilute sulphuric acid (1:50) saturated with 
hydrogen sulphide. Remove the precipitate and asbestos with a 
glass rod, and place in a small casserole, washing out the Gooch 
crucible with water. Add 10 cc. concentrated hydrochloric acid, 
5 cc. concentrated nitric acid and Io cc. concentrated sulphuric 
acid, and evaporate to very copious fumes of sulphur trioxide, 
blowing air through the solution. Allow to cool, add 50 cc. of 
water, then ammonia in excess, and filter out the asbestos and a 
little ferric hydroxide. Wash thoroughly with hot water. The 
filtrate is then acidified, run through a reductor, and titrated with 
potassium permanganate, using the same conditions as for stand- 
ardizing the permanganate solution. 

For Ferromolybdenuim.—Dissolve 4 to 5 grams of ferromolyb- 
denum in 180 to 200 cc. “silicon mixture,” pour the solution into 
a standard liter flask, and dilute to the mark when cold. Take out 
portions of 50 cc. or 100 cc. and evaporate to fumes of sulphur 
trioxide, and proceed as in the case of molybdenum steel. 

For Molybdenum Meta!l.—Dissolve 2 to 3 grams of metal in 
“silicon mixture,’ add concentrated hydrochloric acid and heat 
for some time. Dilute with water, and filter into a liter flask. 
Burn the filter, moistened with nitric acid in a platinum crucible, 
using as low a heat as possible and fuse the residue with potassium 
pyrosulphate. Dissolve the melt in hot water, and add it to the 
solution in the flask. Allow to cool and dilute to the mark. 
Take out portions of 50 cc. and proceed as in the case of molyb- 
denum steel. 

Tungsten, if present, separates out partially as tungstic oxide 
when the solution is evaporated to fumes of sulphur trioxide. 
This may be tested for by dissolving it in ammonia, making 
strongly acid with hydrochloric acid, adding a saturated hydro- 
chloric acid solution of stannous chloride, and then ammonium 
or potassium thiocyanate. A deep green color shows tungsten. 
Molybdenum, under similar conditions, gives a deep red color. 

It is very important to note that tungsten trioxide is quite 
soluble in acids, although otherwise stated by most authorities. 

When tungsten is present, after dissolving the steel in the 
“silicon mixture,”’ and evaporating to fumes of sulphuric trioxide, 
allow to cool, add 50 cc. hot water, 5 grams of tartaric acid, and 


1 Comey’s ‘Dictionary of Solubilities,”’ p. 438 ; Storer’s “Dictionary of Solubilities”’; 
Watts’ ‘Dictionary of Chemistry.” 
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heat to boiling. Filter into the pressure bottle, and wash the 
residue with hot water. Then wash the residue back into the 
casserole, and repeat the treatment with “silicon mixture” and 
tartaric acid as before. Filter again into the pressure bottle, and 
when washed proceed as already described. 

“Silicon mixture’? was found to be the best solvent for molyb- 
denum steels and ferromolybdenums, and was also used because 
it is a common reagent at the steel works. When tungsten was 
present it was found necessary to re-treat the residue, as it con- 
tains a little molybdenum. 

In titrating with potassium permanganate, the conditions used 
were those given by Miller and Frank. Length of column of 
unamalgamated zinc (20 to 30 mesh), 15 inches; time of pas- 
sage, six minutes; temperature, 70°-75° C.; volume of solution, 
200 to 250 cc.; acidity, 10 cc. concentrated sulphuric acid; and 
titrated immediately. The following percentages of molybdenum 
were obtained by these methods : 


ga He gg Als 
g 32 = sao a REE = 
: oa 5c se Za Oe 2 
- b=} = _ 

3: S22 B8Sd Boac Ee Es 35 
rt ers aes ee a a ey" 
Ck Cun CPB 8 BSVLe bts) S08 5 
= = a a ea fe x 
3-63 4.02 g.1I 3-47 44.50 34.18 83.84 
3.62 AST 9.12 2.51 44.57 34.24 84.00 
3.595 4.09 9.26 44.72 34.42 84.00 
siete ate ate 34.49 84.16 


In analyzing the molybdenum, chromium, tungsten steel the 
residue was not filtered out at first, and the results obtained 
for percentages of molybdenum were 4.06 per cent., 4.04 per cent. 
and 3.97 per cent., due to small amounts of tungsten which were 
dissolved by the acids when making the final evaporation with 
sulphuric acid. The solution was filtered and washed before the 
addition of ammonia. 

In order to compare this method with those now in general 
use, the same samples were next analyzed by the latest modifica- 
tion? of the method of Kopp, Brakes, and Auchy, which is in 
brief as follows: Dissolve 0.8 gram of drillings in a mixture of 
15 cc. dilute nitric acid, 10 cc. concentrated hydrochloric acid, and 


1 This Journal, 25, 919 (1903). 
2 Jron Age, Nov. 20, 1902; This Journal, 2§, 215 (1903). 
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3 cc. concentrated sulphuric acid. Keep covered. Evaporate to 
fumes, which must be very dense, being careful that no nitric 
acid remains on the cover. Boil the residue with 50 cc. water. 
Allow to cool, and pour by degrees with shaking into 100 cc. of 
caustic soda solution (1 pound of caustic soda in 2000 to 2100 cc. 
water). Dilute up to 200 cc. (by 200 cc. graduated Erlenmeyer 
flask), mix well by shaking, and allow to settle. Filter through a 
dry filter into a 100 cc. measuring flask, till mark is reached, add 
15 cc. of concentrated sulphuric acid, reduce and titrate. 


The percentages of molybdenum obtained were as follows: 





ES gS OEEG > g 

- <2 a5 B= @ i 2 

2 ve Vg © & be ar oa 
Sg Bed Beg Boag ae SS 
By BeS Bef BEsy fs By 
Ch Suu CES) Chore; hes] ce 
>) a = a i = 
3.91 4.28 11.72 6.21 46.78 86.58 
3.92 4.37 11.63 6.26 46.93 86.58 
4.08 4.43 11.96 6.30 47.01 86.88 


In reducing and titrating the molybdenum in the foregoing 
samples, the conditions just described for reducing and titrating 
were followed. 

From the results we see that when molybdenum, or molybdenum 
and chromium are present, the results are high, due to the formation 
of a ferric molybdate, which is slightly soluble in the large excess 
of alkali. The method has the advantage of being very rapid. Three 
cc. of concentrated sulphuric acid is too small an amount when 
evaporated to fumes of sulphur trioxide in order to get rid of 
all other acids. Eight to ten cc. are preferable. A defect in the 
method is the addition of 15 cc. of concentrated sulphuric acid 
to the alkaline filtrate, containing molybdenum for reduction and 
titration. No correct results can be obtained in reducing and 
titrating molybdenum, unless the same conditions are followed in 
analyzing the steel as are used for standardizing the permanganate 
solution. The amount of free acid should be kept constant. The 
solution should be made neutral, and then a definite quantity of 
concentrated sulphuric acid added in excess. 

If tungsten, vanadium, or uranium be present, the method is 
worthless, as they will be obtained in the filtrate with the molyb- 
denum, and will be reduced and reoxidized by the permanganate. 
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The next method used was that of Ibbotson and Brearley, as 
given in their ‘Analysis of Steel Works Materials,” p. 84, slightly 
modified to obtain more correct results, by statements made previ- 
ously by them in the Chemical News, 1. e., reprecipitating the 
lead molybdate to get rid of silica and any other impurity. The 
method used was as follows: 

Dissolve 2 grams of the sample in hydrochloric acid and oxi- 
dize by nitric acid or potassium chlorate. Add sodium carbonate, 
taking care to stop the addition short of the production of a red 
color or precipitate. Pass through a small pulp filter and place 
the filter in a flask containing 30 to 40 cc. more of double normal 
caustic soda than is necessary to precipitate the whole of the iron. 

Aiter disintegrating the added filter, which may possibly con- 
tain a little tungstic or molybdic oxide, heat the contents of the 
flask to boiling, and add the hot solution, shaking constantly. 
Make up to 500 cc., filter off 250 cc., add a drop of methyl orange 
and a decided excess of hydrochloric acid, then an excess of lead 
acetate solution (40 grams of crystallized lead acetate per liter), 
and more than enough ammonium acetate to destroy the free 
hydrochloric acid. Heat the solution to boiling, allow to settle, 
filter, wash with hot water, ignite and weigh the lead molybdate. 

In carrying out this method, difficulty was first encountered 
in dissolving the steels, as hydrochloric and nitric acids are not 
the best solvent for a molybdenum steel, and in the case of the 
samples of ferromolybdenum it was found impossible to get them 
into solution completely by the use of hydrochloric and _ nitric 
acids. In adding sodium carbonate, it is difficult to get the solu- 
tion at the right point of acidity. If left too acid, there will not 
be enough sodium hydroxide to separate the iron and the molyb- 
denum, as only a small excess is used. 

Great difficulty was encountered at this point, on account of 
the reddish color of the steel solution. By increasing the strength 
or amount of sodium hydroxide added, this could be remedied. 
This would also obviate the necessity of filtering the solution of 
the steel, and treating the residue separately. 

In precipitating the molybdenum as lead molybdate, a decided 
excess of hydrochloric acid is first added, and then this excess 
of hydrochloric acid is destroved by the addition of ammonium 
acetate. If there is a large excess of hydrochloric acid present, 


1 Chem. News, 81, 269 (1900). 
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there will be a large excess of acetic acid present, and this affects 
the precipitation of lead molybdate.t. By first neutralizing the 
acid with ammonia and then adding 2 to 3 cc. of acetic acid (33 
per cent.) in excess, the best conditions for precipitation are ob- 
tained. 

In analyzing the molybdenum, chromium, tungsten steel, the 
following modification of the method was used: Dissolve the 
ignited lead salts in hydrochloric acid, add a few drops of nitric 
acid, and evaporate nearly to dryness. Add 100 to 200 cc. of 
dilute hydrochloric acid (1:4), boil, and filter off the tungstic 
oxide. The molybdenum is reprecipitated from the filtrate with 
lead acetate, etc. 

It is claimed that an accurate separation of the two oxides from 
their lead salts can be made in this manner, no matter in what 
proportion they exist. The results obtained were as follows: 


Molybdenum, chromium, 


Molybdenum steel. tungsten steel. 
Per cent. Per cent. 
3.84 4.31 
3.68 4.43 
a 4.44 


The precipitates of ferric hydroxide from the molybdenum steel 
were dissolved in acid after thorough washing, and the iron pre- 
cipitated again by a large excess of sodium hydroxide (200 cc. 
of 5% normal sodium hydroxide), and the filtrates precipitated 
with lead acetate as before. The results were 3.93 and 3.90 per 
cent. of molybdenum, showing that the molybdenum had not been 
completely separated from the iron. 

In analyzing the molybdenum, chromium, tungsten steel, the 
results are about 0.9 per cent. high, due to tungsten, as tungstic 
acid is not precipitated completely by boiling to a small volume 
with acid. 

The results obtained on the molybdenum, chromium steel were 
very low, the molybdenum not being completely separated by the 
small amount of alkali used. 

Vanadium interferes with the lead molybdate precipitation, as 
stated by Ibbotson and Brearley. 


1 Brearley: Chem. News, 78, 203 (1898). 
2 Ibbotson and Brearley's ‘‘ Analysis of Steel Works Materials,’’ p. 85. 
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The other methods? for the determination of molybdenum were 
not investigated, as they did not seem applicable to steel analysis. 

We believe that the following conclusions are warranted by the 
experiments described: 

(1) That molybdenum can be precipitated completely from an 
acid solution containing iron, using hydrogen sulphide under 
pressure, the precipitate being slightly contaminated by iron, which 
is probably held mechanically, and cannot be washed out and that 
it is necessary to remove this iron subsequently by ammonium 
hydroxide. That this method of separation of molybdenum from 
iron is more accurate than the use of either sodium or am- 
monium hydroxide. 

(2) Both sodium and ammonium hydroxide give high results 
in the determination of molybdenum, due to the formation of a 
ferric molybdate, which is soluble to a slight extent in excess 
of alkali. 

(3) The separation of iron from molybdenum is more accurate 
when sodium hydroxide is used than with ammonia. 

(4) If the ammonia is boiled out, in separating iron from 
molybdenum, the precipitation of the molybdenum as ferric molyb- 
date increases with the increase in ratio of iron to molybdenum 
and when the ratio is 50: 1, the molybdenum is practically all pre- 
cipitated with the iron. 

(5) The estimation of molybdenum by precipitating with lead 
acetate, and weighing as lead molybdate, is as accurate as the 
method of reducing and then titrating with potassium perman- 
ganate, but it takes much longer, and, therefore, the titration 
method is to be preferred. 

(6) When vanadium, uranium, or tungsten are also present 
with molybdenum and iron, they are not separated from molyb- 
denum by sodium or ammonium hydroxide, and therefore these 
methods of separation are worthless. 

(7) In separating molybdenum from iron by hydrogen sulphide 
in am acid solution, under pressure, vanadium and ucanium do 
not interfere, remaining in solution. Tungsten may be held in 
solution by the addition of 3 to 4 grams of tartaric acid. 


1 Gooch and Fairbanks: Abs./. Chem. Soc., 76 (1897); Gooch and Norton: Am. /. 
Sct., 6, 168 (1898) ; Abs. J. Chem. Soc., 1898, p. 648; Gooch and Pulman: Am. /. Sci., 12, 
449-451 (1901); Abs. J. Chem. Soc., 82, 230 (1902); Friedheim and Hoffman : Ber. d. chem. 
Ges., 35, 791-795; de Benneville : /. ron and Steel Inst., 1, 202 (1895). 
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(8) Chromium does not interfere with either method, but more 
accurate results are obtainable by the hydrogen sulphide method, 
using pressure. 

(9) The sulphide precipitation, followed by reduction and titra- 
tion with potassium permanganate, not only gives accurate re- 
sults, but has the great advantage that nothing which is present 
in steels, ferromolybdenum, or molybdenum metal, interferes with 
the accuracy of the results. 


QUANTITATIVE LABORATORY, 
COLUMBIA UNIVERSITY, 
March 4, 1904. 


[CONTRIBUTIONS FROM THE CHEMICAL LABORATORY OF THE UNIVERSITY 
OF CINCINNATI, No. 61.] 


SOME METHODS FOR THE DETECTION OF COBALT AND 
NICKEL.’ 


By STANLEY R. BENEDICT. 
Received March 12, 1904. 


BEcAvsE of the great similarity of chemical behavior between 
cobalt and nickel, the detection of these two elements in the pres- 
ence of each other, particularly of small amounts of either, is a 
problem which presents peculiar difficulties. Many solutions of 
this problem have been proposed. 

For comparison with the methods I wish to propose, I mention 
what are, so far as I have been able to learn, the most delicate 
methods yet offered for the detection of cobalt and nickel when 
both are present in one solution. The one for the detection of 
cobalt was proposed by Vogel.? A saturated solution of am- 
monium sulphocyanide is added, then a mixture of amyl alcohol 
and ether added and the solution shaken. If cobalt be present, 
the alcohol-ether layer has a blue color. This method is very 
sensitive, and will detect 0.5 per cent. of cobalt in nickel solu- 
tions. 

The detection of traces of nickel in an excess of cobalt is a 
more difficult: problem. The most delicate method, up to the 
present time, is probably the one suggested by Parr,* which de- 


1 Read before the Cincinnati Section of the American Chemical Society, February 10, 
1904. 

2 Ber. d. chem. Ges., 12, 2314 (1879). 

3 This Journal, 19, 341 (1897). 
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pends upon the fact that freshly precipitated nickelic hydroxide 
will liberate iodine from potassium iodide, while cobaltic hydroxide 
will not. The procedure is as follows: Bromine water is added 
to the solution, which is then warmed, next an excess of sodium 
carbonate added, and the solution brought to boiling. Both the 
cobalt and nickel are oxidized and precipitated in the trivalent 
condition by this treatment. The precipitate is well washed upon 
a filter and hot potassium iodide poured upon it. Free iodine 
in the filtrate is evidence of the presence of nickel. This test is 
not as delicate as V6gel’s method for cobalt, yet it will detect 
nickel in many commercial cobalt salts. 


My work comprises two methods, one for the detection of nickel 
only, the other for the detection of both elements. ‘The first of 
these. viz., for the detection of nickel only, depends upon the fact 
that if a mixture of nickelous hydroxide and cobaltic hydroxide be 
treated upon a filter with a cold, saturated solution of oxalic acid, 
the cobalt dissolves to form a complex cobaltioxalate compound, 
which is only very slowly precipitated by sodium hydroxide, 
whereas the nickel dissolves as a nickelous compound. The pro- 
cedure is as follows: Treat the solution with an excess of sodium 
peroxide and warm to boiling. This, as was mentioned by Kass- 
ner,? oxidizes the cobalt but not the nickel. Filter, wash the pre- 
cipitate until perfectly cold, and pour upon the filter a cold, satu- 
rated solution of oxalic acid. Pour this through the filter two or 
three times. To the filtrate add a few drops of a dilute solution 
of potassium ferricyanide and then a slight excess of sodium 
hydroxide. If nickel be present, it is oxidized by the ferricyanide 
and a heavy black precipitate of nickelic hydroxide appears, or if 
only a small amount of nickel be present, the solution darkens 
considerably. This test is very delicate, detecting as small an 
amount of nickel as 2 per cent., with comparatively little trouble. 


Although nickel forms no compound corresponding to the 
cobaltioxalate compound mentioned above, it has nevertheless 
been found advisable to use such a reagent as sodium peroxide, 
which oxidizes only cobalt, in preference to bromine or chlorine 
water, which would oxidize both elements, because in the decom- 
position of the oxalic acid by nickelic hydroxide some of the 
cobalt salt is reduced to the bivalent condition. 


1 Arch. Pharm., 232, 226-240 (1894). 
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It may be stated that the cobaltioxalate compound formed in 
this test is of some interest. It has never been made in this way 
before, its only method of formation having been by electrolysis, 
and by leaving a mixture of cobalt hydroxide and potassium tet- 
roxalate made up to a paste with water, for a period of from 
fourteen to twenty-one days (Kehrmann’'). It is a green com- 
pound, the aqueous solution resembling the solution of a nickel 
salt in color. In a manner similar to that outlined above, I have 
been able to form some new complex salts of other metals, which 
will be described later. 


The second method which I propose is one by means of which 
either or both elements can be detected, even if one be in great 
excess, by a single operation in a test-tube. The procedure is ex- 
tremely simple. It consists in adding an excess of 5N sodium 
hydroxide (ordinary reagent strength) to the solution, and agita- 
ting for half a minute. The results depend upon these facts. If 
sodium hydroxide be added in excess to a cobalt solution, a dark 
blue precipitate is at first formed, which is usually regarded as a 
basic salt. If nickel be entirely absent, this salt changes almost 
instantaneously to a bright pink compound, viz., the normal cobalt- 
ous hydroxide. If, however, nickel is present, this change of 
color is retarded, the length of time increasing with the amount 
of nickel present. As will be seen, this test is extremely rapid, 
yet its rapidity is fully equaled by its delicacy. If sodium hy- 
droxide be added in excess to each of two cobalt salts, one being 
an ordinary C. P. salt, and the other a sample of Kahlbaum’s 
“nickel-free” cobalt, a decided difference in the length of time 
required for the change of color is evident. In testing for traces 
of nickel, it is well to have a check tube containing a nickel-free 
sample for comparison. In this way mere traces of nickel can be 
detected. In fact, there is every reason to believe that this is the 
most delicate method so far proposed for the detection of nickel, 
as well as the most rapid. Its delicacy considerably exceeds that 
of the potassium iodide test outlined above, as has been determined 
by making comparative tests. In 10 cc. of normal cobalt solution 
containing I per cent. of nickel solution, the potassium iodide 
fails absolutely to reveal the presence of nickel, whereas the test 
outlined above will, in the same strength of solution, detect 0.5 


1 Ber. d. chem. Ges., 19, 3101 (1886); 24, 2324 (1891). 
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per cent. of nickel, and if the amount of cobalt be increased with- 
out decreasing the actual amount of nickel, 0.3 per cent. of this 
element can be detected. 

The question naturally arises why nickel in such minute quan- 
tities retards the change of the blue basic salt to the pink normal 
hydroxide. This is evidently difficult to answer, and the explana- 
tion put forth below is merely offered as a possible one. 

This explanation is that when the basic salt, which would have 
some such formula as Co(OH) NO,, loses its NO, and begins to 
take up another OH radical, i. ¢., becomes, so to speak, nascent, 
the nickel combines with it to form a nickel cobaltite, which is even 
more blue than the basic salt. Then, as more of the basic salt 
changes over, the nickel is finally all taken up, the normal co- 
baltous hydroxide begins to form, and when a sufficient quantity 
of this has been formed to hide the blue of the nickel cobaltite, 
the pink color makes its appearance. It may also be that the 
nickel cobaltite is formed immediately upon precipitation, and 
being unstable, soon breaks up, forming the hydroxides of the two 
metals. 

The reasons for suggesting the formation of nickel cobaltite are 
as follows: Firstly, the nickel produces an effect which cannot be 
accounted for by the physical properties of its hydroxide; secondly, 
cobalt is shown to form some cobaltites by the following facts: 
(1) The hydroxide is somewhat soluble in a concentrated solu- 
tion of potassium hydroxide, forming a dark blue solution. I 
have found that the hydroxide is also considerably soluble (upon 
warming) in a 5N sodium hydroxide solution in the presence 
of considerable quantities of salts of some other metals, among 
which are aluminum, lead, sodium and lithium. (2) The solu- 
tions of these cobaltites are intensely blue, much more so than the 
original basic salt, a very small amount of cobalt in solution 
sufficing to give a very intense blue color. It is, therefore, possi- 
ble, if not probable, that the formation of a corresponding nickel 
compound, which is insoluble and deep blue in color, may be the 
cause of the interference with the change of color of the cobalt 
precipitate. ; 


As was mentioned, the presence of very small amounts of cobalt 
can be detected by this method in presence of an excess of nickel. 
This test depends upon the formation of the blue compound men- 
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tioned above, and on the further fact that this color makes itself 
evident in a great excess of nickel. For this reason, when sodium 
hydroxide is added to a solution which contains nickel in excess, 
if cobalt is present (even somewhat under I per cent.), this blue 
color makes itself visible, especially upon standing a moment, i. ¢., 
the hydroxide, instead of being a pure, pale green, will have a 
bluish tinge, more or less deep, depending upon the amount of 
cobalt present. 

In a test of this delicacy it is only natural that certain condi- 
tions must be fulfilled lest the results lead to incorrect conclu- 
sions. These conditions are as follows: 


(1) Other metals besides nickel and cobalt should be absent, 
since many of these interfere with, or give the reaction outlined 
above. This is easily accomplished by following the ordinary 
course of analysis. 

(2) The solution in which the test is made should be roughly 
normal (or somewhat stronger) in order that the color reactions 
may be best observed. 


(3) The solution should not contain much free acid (a small 
amount makes no difference), since the salt formed upon the 
addition of the hydroxide may interfere somewhat, because, as 
was mentioned above, the salts of the alkali metals tend to form 
cobaltites. 

The procedure for the detection of the two metals is, therefore, 
as follows: Dissolve the sulphides in concentrated nitric acid, 
evaporate to dryness, heat gently to expel free acid and dissolve 
in a little water. To about 3 cc. of this solution in a test-tube add 
6 to 8 cc. of sodium hydroxide, cover the mouth of the test-tube 
with the thumb, mix thoroughly by shaking, and note the result. 
If cobalt be in excess, the precipitate will have a dark blue color; 
if nickel be present in very smali amount, the color will not change 
immediately, 7. e., within four to five seconds, to a bright pink. 
If, however, the nickel be present in large amount, the change 
of color will be retarded for half an hour or more, the color never 
becoming a bright pink, but changing to a dirty gray. If nickel 
be absent, the change of color is practically instantaneous. 


If nickel be in excess, the precipitate will not be dark blue, but 
will have a green color, which will show more or less bluish tinge, 
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depending upon the amount of cobalt present. If cobalt be absent, 
the precipitate will be a pale green, and will remain so upon 
standing. 

It will, therefore, be evident that by this test, which is prac- 
tically instantaneous and requires no manipulation, it is possible 
in One operation, carried on in a test-tube, to detect both elements, 
even if either element be in exceedingly small amount, in a great 
excess of the other, the test for cobalt being probably as delicate 
as any hitherto proposed (with the exception of Vogel’s test, out- 
lined above, which requires the use of ammonium sulphocyanide, 
amyl alcohol and ether), while that for the detection of nickel is 
considerably more delicate than anything hitherto proposed for 
this purpose. 

For use in ordinary qualitative analysis in college laboratories 
where nickel-free cobalt salts are not supplied to students, the 
test may be modified in one of two ways in order to slightly de- 
crease its delicacy. (1) The students may be told that unless 
the change of color is retarded over a minute nickel may be re- 
garded as absent, or (2) by using, instead of a 5N sodium hy- 
droxide solution, a ION or 15N solution, when the delicacy is 
so decreased as to give practically no reaction for nickel in or- 
dinary cobalt salt solutions. 

I desire to express my sincere thanks to Dr. J. F. Snell for 
the valuable advice he has rendered during the progress of 
this work. 


SYNTHESES OF DERIVATIVES OF QUINOLINE. 


By EDWARD BARTOW AND ELMER V. MCCOLLUM. 
Received March 28, 1904. 


THE best method for the synthetical preparation of quinoline 
and its derivatives is that of Skraup,’ which consists in heating 
an aromatic amine with glycerin, an aromatic nitro compound 
(usually nitrobenzene), and sulphuric acid. A quinoline ring is 
formed by the combining of the aromatic amine and the glycerin 
with loss of water and hydrogen. The nitro compound serves 
as an oxidizing agent, and is itself reduced to an amine from 
which quinolines are also formed, sometimes making mixtures that 
are difficult to separate. 


1 Wien. Acad. Ber., 2, 593 (1881) ; 2, 1089 (1883). 
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The Skraup synthesis was extended by Doebner and Miller,’ 
who substituted glycol for glycerin, and prepared quinaldine from 
aniline, glycol, nitrobenzene and sulphuric acid, and also prepared 
quinaldine and some of its derivatives from paraldehyde, aromatic 
amines, nitrobenzene, and sulphuric acid. Skraup also obtained 
quinaldine from crotonaldehyde, aniline, nitrobenzene, and sul- 
phuric acid.? Later it was learned that an oxidizing agent was 
not necessary, when aldehyde was used, but that the synthesis 
could be carried out by heating the aromatic amine with aldehyde 
and concentrated hydrochloric acid on the. water-bath.* 

Still later Knueppel* suggested a modification of the Skraup 
synthesis. In order to lessen the formation of tarry products, 
and to hinder the formation of more than one derivative of 
quinoline, he sought an inorganic oxidizing agent. Using arsenic 
oxide, he obtained very satisfactory results in syntheses in which 
he used an aromatic amine, glycerin, and sulphuric acid. 

With these modifications in mind we have carried on experi- 
ments along three lines. First, we have used arsenic oxide as 
suggested by Knueppel to prepare some derivatives of quinoline 
that had not been prepared by this means, showing a wider appli- 
cation of his modification of the Skraup syntnesis; second, we 
have prepared some derivatives of quinoline not previously de- 
scribed, by combining aromatic amines with aldehyde by heating 
with concentrated hydrochloric acid; third, we have used arsenic 
oxide as the oxidizing agent in preparing one derivative of quinal- 
dine from an aromatic amine and glycol. 


I. SUBSTANCES MADE FROM GLYCERIN AND AROMATIC AMINES, 
ustnGc As,O; AS OXIDIZING AGENT. 


p-Toluquinoline  (6-Methylquinoline), C,H,N.CH,.—Fifty 
grams p-toluidine, 140 grams glycerin, 130 grams concentrated 
sulphuric acid, and 66.5 grams arsenic oxide (As,O,) were heated 
for four hours on a sand-bath. The first reaction is quite violent 
and the flask must be removed from the bath until the violent 
reaction has ceased. ‘The mixture is diluted with water, made 
alkaline with sodium hydroxide and distilled with steam. To dis- 
solve any oil that has separated out, sulphuric acid is added; then 


' Ber. d. chem. Ges., 14, 2312 
2 Jbid., 1§, 897. 
8 /bid., 16, 2465. 
4 Jbid., 29, 704. 
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sodium nitrate in excess is put in to diazotize any unchanged 
primary amine. The solution is again made alkaline with sodium 
hydroxide, and distilled with steam. The p-toluquinoline is ex- 
tracted with ether, and rectified, boiling-point 258° C., agreeing 
with that given by Skraup,? 257.4°-258.6° C. A determination 
of nitrogen gave 10.08 per cent.; calculated, 9.81. 

o-Nitro-p-toluquinoline (8-nitro-6-methylquinoline), C,H,N. 
CH,.NO,.—Fifty grams m-nitro-p-toluidine, 100 grams glycerin, 
50 grams sulphuric acid, and 50 grams arsenic oxide were warmed 
on a sand-bath till a vigorous reaction began. The flask was 
removed for a few moments till the violent reaction ceased, and 
was heated to gentle boiling for three hours. The mixture was 
then diluted with water and allowed to stand over night. The 
precipitate was removed and the filtrate made alkaline with sodium 
hydroxide. The base thus precipitated was dissolved in hydro- 
chloric acid, warmed for several hours with animal charcoal and 
filtered. Ammonia gas was led into the hot filtrate, the precipitate 
formed was dissolved in hot alcohol, water added till a slight 
cloudiness appeared, when it was allowed to stand to crystallize. 
Light yellow needle-shaped crystals were obtained ; melting-point 
122°, agreeing with that assigned by N6lting and Troutman,’ 
who prepared this substance, using picric acid as the oxidizing 
medium. A determination of nitrogen gave 15.40 per cent.; cal- 
culated, 14.89. 

II. SUBSTANCES PREPARED FROM ALDEHYDE. 

o-Nitro-p-methylquinaldine (8-nitro-2,6-dimethylquinoline ), 
C,H,N(CH,).NO,.—EFighteen grams mc-nitro-p-toluidine, 32 
grams aldehyde, and 7 grams concentrated hydrochloric acid were 
heated on a water-bath for three hours. The product was diluted 
with water, made alkaline with sodium hydroxide, and steam 
passed through the solution till the distillate was no longer red 
in color. The solid residue in the flask was extracted with alcohol. 
The alcoholic solution was boiled with animal charcoal, filtered, 
and water added to precipitate the base. After recrystallizing 
from alcohol, orange-colored needles were obtained, melting- 
point 114°. These were insoluble in water and soluble in hot 
alcohol. A determination of the nitrozen gave 14.3 per cent.; 
calculated, 13.8. 


1 Jahresbericht, 1881, D. 911. 
2 Ber. d. chem. Ges., 23, 3669. 
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The Hydrochloric Acid Salt was prepared by precipitation from 
ether solution with dry hydrochloric acid gas. The resulting sub- 
stance was a gray powder. A determination of the chlorine in 
this salt, by the method of Carius, gave 14.76 per cent.: calcu- 
lated, 14.84. 

CHLORINE AND BROMINE DERIVATIVES OF QUINALDINE. 


p-Chlorquinaldine (6-chlor-2-methylquinoline), C,H,N.CH.Cl1. 
—Fifteen grams p-chloraniline, 24 grams aldehyde, and Io grams 
concentrated hydrochloric acid were heated on the water-bath for 
four hours. The contents of the flask were diluted with water 
and treated with sodium nitrite to remove any primary amine 
which might remain. Then, after heating on the water-bath till 
the odor of oxides of nitrogen had disappeared, the solution was 
made alkaline with sodium hydroxide and distilled with steam. 
The distillate was extracted with ether, and on evaporating the 
ether, there remained an oil, which crystallized in white flakes 
when rubbed with a glass rod. These turned yellow on exposure 
to the air, melting-point 91°. A determination of the chlorine 
gave 19.95 per cent.; calculated, 19.80. 


The Hydrochloric Acid Salt was prepared by dissolving the 
compound in ether and precipitating with hydrochloric acid gas. 
It is a white powder without definite melting-point. A determina- 
tion of chlorine gave 33.12 per cent.; calculated, 33.17. 

m- (or a) Chlorquinaldine (5- (or 7) chlor-2-methylquinoline), 
C,H;N.CH,Cl—When condensations are made with aldehyde 
and the meta derivatives of the aromatic amines, it is evident that 
two isomeric derivatives of quinaldine may be formed. A group 
in the meta position with respect to an amino group in the amine 
will, therefore, occupy position 5 or 7 of the quinoline formed. 
Fifteen grams m-chloraniline, 24 grams aldehyde, and Io grams 
hydrochloric acid were heated on the water-bath for four hours. 
The contents of the flask were diluted with water, and treated as 
for 6-chlor-2-methylquinoline. Crystals were obtained which, after 
purification by redistillation with steam, melted at 78°. A deter- 
mination of nitrogen gave 8.05 per cent.; calculated, 7.9. 

o-Chlorquinaldine (8-chlor-2-methylquinoline), C,H,;N.CH3.Cl. 
—Fifteen grams o-chloraniline, 24 grams aldehyde, and Io grams 
hydrechloric acid were treated as for 6-chlor-2-methylquinoline. 
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Crystals were obtained which melted at 64°, agreeing with the 
melting-point of the substance obtained from glycol, and described 
later in this article. 

p-Bromquinaldine (6-brom-2-methyiquineline), C,H,;N.CH3.Br. 
—Twenty grams p-bromaniline, 23 grams aldehyde, and 10 
grams hydrochloric acid were treated as in the synthesis of the 
corresponding chlorine derivative. White crystals were obtained 
that were readily volatile with steam, crystallizing from the dis- 
tillate. They darken on exposure to the light, melting-point 
96°-97°. Analysis gave: Br, 36.05; N, 6.64. Calculated: Br, 
36.03 ; H, 6.30. 

A considerable quantity of tarry products is formed in the 
synthesis of the halogen derivatives in the manner described above. 
In one case, the 5- (or 7) chlor-2-methylquinoline, the product 
was increased about 30 per cent. by washing and drying the tarry 
residue remaining in the flask after distillation with steam, mix- 
ing it intimately with finely powdered zinc chloride and fusing 
the mixture in a porcelain dish. The melt was dissolved in dilute 
hydrochloric acid, then made alkaline with sodium hydroxide and 
distilled with steam as before. 

III. QUINALDINE SYNTHESIS WITH GLYCOL AND ARSENIC ACID. 

o-Chlorquinaldine (8-chlor-2-methylquinoline), C,H,N.CH,.Cl. 
—We have been able to find but one instance in which glycol has 
been used in the Skraup synthesis? and it seemed worth while to 
try another, and to see whether glycol would form derivatives of 
quinaldine, and also whether arsenic oxide would serve as an 
oxidizing agent with glycol as well as with glycerin. Ten grams 
o-chloraniline, 9 grams glycol, 25 grams arsenic oxide and 25 
grams concentrated sulphuric acid were heated to gentle boiling 
for four hours on a sand-bath. The contents of the flask were 
then diluted with water, diazotized, made alkaline with sodium 
hydroxide, and distilled with steam. Crystals were obtained, 
which were white at first, but turned vellow on exposure to the 
air, melting-point 64°. A determination of chlorine gave 19.8 per 
cent.; calculated, 19.95. 

SUMMARY. 

(1) Following Knueppel’s modification of the Skraup synthesis, 
we have prepared 6-methvlquinoline, and 8-nitro-6-methylquino- 
line, using arsenic oxide as the oxidizing medium. 

1 Ber. d. chem. Ges., 14, 2814, 
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(2) We have prepared the following new substances from alde- 
hyde and substituted amines: 8-Nitro-2,6-dimethylquinoline; 
6-chlor-2-methylquinoline; 5- (or 7) chlor-2-methylquinoline ; 
8-chlor-2-methylquinoline ; 6-brom-2-methylquinoline. 

(3) We have prepared one derivative of quinaldine, 8-chlor-2- 
methylquinoline, from an aromatic amine and glycol, using arsenic 
oxide as the oxidizing medium. 


UNIVERSITY OF KANSAS, 
LAWRENCE, Kas. 


REVIEW. 
Lubricating Greases.’ 


By P. H. CONRADSON. 


A SATISFACTORY examination or analysis of lubricating greases 
is, to say the least, tedious and complicated, even in a laboratory 
suitably equipped for this class of work, and I can readily ap- 
preciate the feeling of practical chemists, whose main chemical 
work around this section of the country is anything but greasy, 
when your manager sends you a tub of “grease,” asking you 
to analyze the same, and tell him what it is made of, and if it is 
good for anything, and perhaps how it is made. 

Before entering upon the chemical analysis and discussion of 
suitable methods, it might be well, as a practical introduction, to 
say a few words about greases in general, so as to acquaint you 
with the multitudinous materials or substances that enter, and are 
more or less used in compounding the numerous kinds and classes 
of lubricating greases found in the market. 

The market price for these greases varies all the way from 
114 cents up to I5 cents per pound, and naturally the grease 
manufacturer uses, and has to use, very cheap or inferior materials 
to enable him to manufacture and sell at a profit, at such low 
figures, as the prices of the cheapest grades indicate; hence, the 
materials used for such cheap compounds are, to a large extent, 
waste materials or residues from petroleum distillation, mixed 
with waste fatty substances, and cheap inert mineral matter of 
all kinds and descriptions. On the other hand, the more expen- 
sive greases are generally compounded from good, pure materials 
suitable for the purpose. However, it should be borne in mind 
that a cheap grease, that is, the price of the grease, may not be 
any indication whatsoever as to the suitability of the grease for 
certain work any more than it follows that a more expensive 
grease would be any more suitable for certain kinds of work. 

1 Read before the Pittsburg Section of the American Chemical Society. 








706 REVIEW. 


In making an examination of a lubricating grease, a chemical 
analysis alone does not enable the chemist to form a proper con- 
clusion as to the lubricating value of the grease as such, or in 
comparison with other greases, and that is just exactly what the 
practical manager wants us to tell him. Therefore, to make an 
intelligent and practical report, a further study of the grease in 
question is necessary. Some knowledge of the compounding or 
manufacturing greatly facilitates one in judging the quality of 
the grease. I will, therefore, briefly touch upon a few points that 
may be of interest or of value to you. 

The lubricating grease question, when it comes to the com- 
parative lubricating value of the various compounds in the market, 
is a rather difficult one to answer intelligently, unless one knows 
the special work or kind of machinery for which the grease or 
greases in question are intended. Like everything else, one kind 
or grade of grease cannct be made that would be equally good or 
suitable for all kinds of work or machinery; hence, to make fair 
comparisons between two greases, the essential point to bear in 
mind is primarily, “For what kind or class of machinery, to be 
lubricated, is the grease intended”? 

Without going into any lengthy details as to the various kinds 
or classes of machinery for which the multitudes of greases, now 
in the market, are used, it will suffice to mention as extremes, 
the slow-running, heavy, hot, rolling machinery in iron and steel 
mills, and the comparatively light and fast-running electric motors. 
Naturally, a grease suitable for hot-neck journals in a rolling 
mill would not do at all for electric motors, and vice versa. There- 
fore, as said above, to give an intelligent opinion as to the lubrica- 
ting value of anv grease in comparison with another grease or set 
of greases the kind or class of machinery and work must be 
known and taken into account as a basis for comparison, together 
with the chemical composition and physical properties or behavior 
of the grease or greases. 

The various greases on the market may be divided, as regards 
chemical, physical and mechanical composition, into four main 
groups or classes, and each one of these in as many more sub- 
classes or divisions: First, greases made with alkali soaps, as 
hardener or solidifier; second, greases made with fatty oil lime 
soaps; third, greases made with rosin oil lime soaps; fourth, 
greases made both with alkali and lime soaps. 

Besides these there are greases containing magnesia, zinc, alu- 
mina and lead soaps. The greases in each of these main groups 
vary greatly in composition, both in kind, quality and percentages 
of the various ingredients entering into the compounds. They 
may contain from “none” up to 50 or 60 per cent. of bad, good 
or indifferent mineral matter, such as clay, chalk, soapstone, 
graphite, lime, talcum, etc. ; from practically no water up to 20 or 
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30 per cent.; from 4 or 5 per cent. up to 50 or 60 per cent. of 
soaps; from no free fatty oils up to 40 or 50 per cent. petroleum 
oils of better or poorer quality, petroleum residues, rosin oils, 
coal-tar oils, etc. 

The grease in consistency may be soft, medium, or hard, with 
softening- and melting-points varying from g0°-100° to 400°- 
450° F. From the above you will readily appreciate the variety 
of greases or solid lubricants now for sale on the market, some 
good, some indifferent, and some unsuitable for the purpose for 
which they were intended. 

As an intermediate class of lubricants, between the real solid 
greases and fluid lubricants (oils), we may consider the so-called 
solidified oils; they have or should have a soft jelly-like con- 
sistency, which should not vary much, if any, within reasonable 
temperature ranges, that is, they should retain their normal solid 
consistency within practical working temperature limits. 

Having in the above briefly called your attention to the rather 
complex compounds that you may be called upon to examine, I 
will now proceed to describe the method or methods I use in my 
work, and find to be more or less satisfactory from a practical 
and technical point of view. I say practical and technical, because 
to make a complete and accurate chemical analysis of some of the 
greases would be a very thankless and very tedious task, unless 
you were requested to make a grease exactly similar in composi- 
tion and behavior. ; 

I generally submit lubricating greases to the following tests 
and analyses, which enables me to form a pretty good idea about 
the quality and composition of the same. 


PHYSICAL, TESTS. 


(1) Consistency of the grease, soft, medium or hard. 
(2) Color, dark or light, etc. 

(3) Odor, tarry or asphaltic or resinous, etc. Oftentimes the 
odor of the grease gives quite an indication as to the nature of 
at least some of the materials that may be present, principally 
tarry matter and rosin oils. 

(4) Softening-point, the temperature at which the grease begins 
to become soft, when carefully warmed or heated. 

(5) Incipient melting-point, the temperature at which the 
grease begins to partially melt, oftentimes with separation of 
the oil or fatty matter from the soap and mineral matter. 

(6) Melting-point, the temperature at which the grease is com- 
pletely melted. 

(7) Flashing-point, the temperature at which inflammable 
vapors are given off, indicated by applying a small flame. 

(8) Burning-point, the temperature at which the grease begins 
to burn, when flame is applied. 
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(9) Note if the grease foams or swells and spatters during 
heating ; this indicates the presence of more or less water. 

Some greases, when heated to make the above tests, foam or 
swell much, until the water is driven off; others remain quiet 
and melt uniformly; others again partly melt at a comparatively 
low temperature, with the separation of the soaps in solid lumps, 
or the settling out of the mineral matter to the bottom of the 
vessel. 

It is well to carefully note the behavior of the greases in these 
respects, as the practical value of a lubricating grease to a large 
extent depends upon how it acts when heated, or when coming 
in contact with hot boxes, journals or brasses, or how high a 
temperature it will stand before it begins to decompose or sepa- 
rate out. 

A grease that stands a good or high temperature, before melting 
or separation of the ingredients or compounds, is naturally much 
better adapted for some work than a grease that separates readily 
when warmed or heated, other things being equal. 


CHEMICAL TESTS. 


(1) Put 10 grams grease into a 300 cc. wide-necked Erlenmeyer 
flask, add 50 to 75 cc. 88° Bé. gasoline, break up or disintegrate 
the grease with a glass rod, then add 200 cc. more gasoline, shak- 
ing well at intervals several times; allow to stand and settle, pour 
off or siphon off the clear, supernatant liquid without disturbing 
the precipitate, and, if necessary, filter; to the remaining contents 
in the flask add 100 to 125 cc. 88° gasoline, shake, allow to stand 
and settle, pour off the clear liquid, transfer the insoluble portion 
in the flask to a sufficiently large filter, let drain, rinse out flask 
with 88° gasoline, and wash contents on filter a couple of times, 
or until the gasoline goes through practically colorless, and allow 
to drain. 

(2) Evaporate the mixed gasoline extracts, best in an ordinary 
tinned iron drinking-cup, to small bulk, transfer to a small 
weighed beaker, evaporate on steam- or water-bath until practi- 
cally constant weight. The residue in the weighed beaker will 
contain all the oils in the grease. a 

(3) The insoluble contents on the filter from the above gasoline 
treatment, after draining off the gasoline (keep funnel covered), 
but before beginning to dry, is transferred to a weighed dish, in 
case the residue has a light color, 7. ¢., appears to be free from 
tarry or asphaltic matter, insoluble in the gasoline, and dried to 
practical constant weight, as described later in (4). If the residue 
is dark and contains tarry matter, transfer it back to the Erlen- 
meyer flask, and add a mixture of 20 cc. strong ethyl ether and 
10 cc. chloroform, digest at ordinary temperature with frequent 
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shaking, transfer contents in flask to same filter, allow to drain 
and rinse out the flask with some of the ether and chloroform mix- 
ture, allow to drain. 

(3a) Evaporate the ether-chloroform extract in a weighed dish 
on a steam- or water-bath. This will contain the tarry and as- 
phaltic matter insoluble in gasoline, and possible traces of soaps. 

(4) Transfer the insoluble portion from the ether-chloroform 
treatment to a weighed dish, dry first at low temperature on 
top of the air-bath, then in the air-bath with gradual rise of tem- 
perature, from 200° to 250° F., until practically constant weight. 
The dried residue contains all the mineral matter, if any is present, 
and the insoluble soaps. 

(5) The weight of this (4), with the weight of the asphaltic 
matter, if present, and the oils found in No. 2, added together and 
subtracted from 100 gives the amount of water present by differ- 
ence (also, of course, any small amount of oil volatilizing at 
212° F., a temperature necessary to use to drive off the last of 
the gasoline from the oils). 

(6) Mineral Matter.—In stirring up the grease in No. 2 with 
the gasoline and giving the contents in the flask a rotary motion, 
it is very easy to see if any free mineral matter is present, as the 
soaps generally are quite flocculent and stay suspended in the 
gasoline some little time, while the heavy, dense, mineral matter 
settles quite rapidly, so that a good idea as to the kind and amount 
can readily be formed. If the amount of mineral matter noticed 
be very small, merely a trace, it comes from the slaked lime or 
soda used in compounding the grease, and can be neglected. 

(7) If mineral matter be present in a larger amount, put 
5 grams grease into flask, add 100 cc. of a mixture of 
30 cc. spirits turpentine, 30 cc. 74° Bé. benzine and 70 cc. 
alcohol. This mixture becomes perfectly clear and uniform 
when warmed a little. Put flask on steam- or water-bath, connect 
with return condenser, boil gently, shaking occasionally until the 
grease is dissolved, except the mineral matter. This mixture will 
dissolve by gently boiling all the soaps, fats and oils. Lower the 
heat so as to stop boiling, allow to stand a few minutes, then filter 
rapidly while hot into another flask, transfer insoluble matter to 
filter, wash once or twice with the above mixture (hot). 

(8) The insoluble nortion on the filter contains all the free 
mineral matter; finish off the washing with some benzine, and, 
lastly, with some alcohol, dry and weigh, and, if so desired, deter- 
mine the character of the mineral matter. Add the benzine-alco- 
hol washings to 9 after the soaps are decomposed. 

(9) The filtrate in the flask contains all the soaps and oils in 
the grease. Put the flask on steam- or water-bath, connect 
with return condenser, heat until the liquid becomes clear, then 
add 2 or 3 grams oxalic acid, either in dry form or dissolved in a 
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little alcohol, boil, and shake well for some time; the oxalic acid 
will decompose the soaps, forming insoluble oxalates with the 
oxides, which thus can be readily separated and determined by 
well-known methods. é 

(10) In case the grease is free from mineral matter, then, of 
course, this procedure can be omitted, and the dry soaps (4) from 
the first gasoline treatment carefully ignited, and the bases de- 
termined. 

The flashing- and burning-points of greases will indicate 
whether a high-fire test oil is used. The consistency of the sepa- 
rated oils will indicate whether a thin, fluid, or heavy, thick pe- 
troleum oil is used. In so-called cup greases, neutral light-colored 
petroleum oils or paraffin oils are generally used; in cheap mill 
greases, dark-colored or black petroleum oils or residues are 
generally used. 

(11) The above-described method is simple enough, and for all 
practical purposes answers quite well; however, for a more accu- 
rate and complete analysis some additional work is necessary. 

First, in the gasoline treatment a little of the lime and mag- 
nesia soaps will generally disoslve (the soda soaps are practically 
insoluble ),and if zinc, aluminum and lead soaps should be present, 
a considerable amount of these would dissolve; however, as a rule, 
these three latter soaps would hardly occur, except in special 
greases; therefore, the separated and weighed oils will usually 
only contain a little lime and magnesia soaps. 

Second, the separated oils from the gasoline treatment, after 
weighing, should be saponified to determine the amount of free 
fatty oils, if any, whether rosin oil is present or not, tar oil, and 
the quality of petroleum oils used. 

Third, in some alkali soap greases free caustic and carbonate 
of soda may occur, even though free saponifiable fats are found. 

If present in larger amounts than negligible, they should be 
determined. 

(12) The separation of oils from the small amount of soaps, 
dissolved in the gasoline treatment, may be effected either before 
or after the separated oils are weighed. 

In the former case, evaporate the gasoline mixture (2) down 
to 50 or 75 cc., transfer to a conical glass-stoppered separatory 
funnel, add 0.5 to 1 gram dried oxalic acid, dissolved in 10 cc. 
strong alcohol, shake repeatedly for some time, allow to stand and 
settle. If any soaps should be present, a precipitate of oxalates 
will form; add 20 cc. water to the funnel, shake well, allow to 
settle, draw off the watery liquid, and wash the contents in the 
funnel two or three times with water, add the washings to the 
first watery liquid, and evaporate to dryness and determine the 
amount and kind of oxides in the oxalates, and then calculate the 
amount found to corresponding soaps, using oleic acid as a stand- 
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ard factor, and add this amount to the weight of insoluble soaps 
from the first gasoline treatment. 

(13) Transfer the remaining gasoline liquid in the separatory 
funnel to a small weighed beaker, evaporate on steam- or water- 
bath until constant weight, this gives the percentage of oils plus 
the free fatty acids from the decomposed soaps. 

(14) Transfer the weighed oils, after noting the consistency, 
color, etc., of the same, by means of 88° gasoline to a 300 cc. 
saponifying flask, and add 50 cc. neutral strong alcohol, and a few 
drops phenolphthalein, neutralizing with standard potash solu- 
tion, noting the number of cubic centimeters used, from which the 
amount of free fatty acids, due to the decomposed soaps, can be 
calculated, and subtracted from the weight of the oil in the 
beaker. 

(15) Saponify the oils in the flask (14) with standard alcoholic 
potash, according to any of the well-known methods, such as de- 
scribed in Allen’s and Lewkowitsch’s “Chemical Analyses of 
Fats, Oils and Petroleum.” After separating and determining 
the amount of saponifiable fats present, the quality and kind of 
non-saponifiable oils can be examined according to methods also 
described in the above works. 

(16) To determine free caustic and carbonate of soda in 
greases, methods described under soap analyses by Allen and Lew- 
kowitsch can be followed. 

[ find the following simple method quite satisfactory in most 
cases: Extract 5 or 10 grams of the grease with 88° gasoline, as 
described under No. 1; dry the insoluble residue containing the 
free alkalies, if any, in the same flask in which the extraction was 
made, to free from water. Add 50 to 100 cc. strong neutral alco- 
hel and warm until the alkali soaps are dissolved, filter, and wash 
with strong, warm neutral alcohol. Add phenolphthalein to the 
united alcoholic solutions and, if alkaline, titrate with fourth- 
normal hydrochloric acid, calculate the amount of free caustic 
alkali from the number of cubic centimeters of acid used. Treat 
the insoluble residue from the alcoholic treatment with water, 
and filter. Add methyl orange to the filtrate; if alkaline, titrate 
with fourth-normal hydrochloric acid, and calculate the amount 
of alkali carbonate from the number of cubic centimeters of acid 
used. If the grease should also contain lime soaps, it is well to 
ascertain if free caustic lime is present. 


QUALITATIVE TESTS FOR ROSIN OIL. 


[ have found the following simple method quite satisfactory to 
ascertain whether or not rosin oil is present in greases. 

To Io grams grease in a wide-necked flask add 25 cc. strong 
alcohol, break up the grease completely with a glass rod, and 
digest for a while at a gentle heat (80° to 90° F.), with frequent 
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shaking; allow to settle, pour off the liquid on a dry filter, and 
add 25 cc. more strong alcohol to the flask, and repeat the treat- 
ment. 

To the united, filtered alcoholic extracts add a little phenol- 
phthalein as indicator, and add one-fourth normal potassium hy- 
droxide in slight excess. Evaporate down to expel all the alcohol, 
stir up the residue with 25 to 30 cc. 88° gasoline, allow to settle, 
pour off the clear supernatant liquid, or filter, evaporating the 
clear liquid to free the same from gasoline. The residue will con- 
tain most of the rosin oil, if present, with a little mineral oil, and 
can readily be used for necessary identification tests for rosin oils, 
as described by Allen and Lewkowitsch, and others, such as 
(1) Renard’s Test.—Rosin oil, 10 to 12 drops, treated with an- 
hydrous stannic chloride or stannic bromide (1 drop), develops 
a beautiful violet coloration. 

(2) Liebermann’s Test—Some of the above residue is shaken 
with a little acetic anhydride at a gentle heat; after cooling, the 
acetic anhydride is drawn off by means of a pipette, and tested by 
adding 1 drop of strong sulphuric acid. If rosin oil be present, 
a fine violet coloration is produced. Besides these tests, the 
gravity, taste and odor, especially on warming the residue, readily 
give evidence of presence of rosin oil. Of course it is always 
well at the same time to make a comparative blank test, using 
mineral oil somewhat similar in nature to the mineral oil found 
in the grease. 


ANALYSES OF SAMPLES OF GREASES. 


No. 1. No. 2, No, 3. 
Nit aoc cca cisocioecaicsecu's Dirty yellow Dark Dirty yellow 
CAO ora aciwinta acciaw e's. Demis evel Rosin aaicie Rosin 
Consistency .«.... tee eeeeeee Very soft Hard Medium 
Softening-point............ sees 225° FF. 160° F, 
Melting-point............. Flows at 85° F. 415° F. 250° F. 
Flashing-point...........-- 385° F. 540° F. 350° F. 
Burning-point ...+.-..++.- 450° FL eee eee 400° F, 
Soda soaps ----.-seeeeeeees ve eeee 53-17 % = eeevee 
Lime, magnesia soaps...... 5-68 % = saeeee 13.12 % 
Mineral or hydrocarbon oils 91.95 % 32.32 % 84.90 % 
Water ..- cccccescerccce cee 2.37 % 14.51 % 2.00 % 
Gravity of separated oil....  23.5° BE. ss ww eee 23.0° Bé. 
Free mineral matter ....... sw eeees Little Trace lime 
graphite. 


Behavior on Heating.—Greases foam some on heating. Nos. 
2 and 3 have a tendency to separate into oil and lumps of soap. 
The mineral oil in No. 2 is a thick, heavy, at ordinary tempera- 
ture nearly solid, dark-colored oil. 
Mineral oils in Nos. 1 and 3 were yellow-colored. These two 
latter greases are compounded with rosin oils. 
FRANKLIN, Pa., February 1, 1904. 








NOTES. 

Device for Reading “Nesslerised” Ammonia Tubes in Water 
Analysis.—The illustration shown herewith requires but little 
explanation. Two disks of brass 14 inch thick and 65¢ inches in 
diameter are joined by twelve tubes of brass '*/,, inch in %aside 
diameter and 934 inches in length. The glass ‘‘Nessler” tubes, 
which are 34 inch in diameter and 8 inches to the 50 cc. mark, 
just fit these tubes and are kept from falling through the open 
bottoms by the holes in the lower brass disk, being slightly smaller 
than the diameter of the brass tubes. 




















Fach lower brass disk is furnished with a very short but broad 
pivot (3 by 14 inches), which fits into a socket on the wooden 
stand, thereby -permitting the set of tubes to be rotated about a 
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vertical axis. The wooden stand in question has a base of 634 
by 13% inches, supporting a pair of wooden sockets. Between 
the sockets is a small mirror set at an angle of 45°, which throws 
light up through the two ‘“‘Nessler” tubes under comparison, and 
permits the observer to see them in the upper mirror as though 
in horizontal position. The “Nessler” standards being placed in 
the set of tubes on the left and the ‘free’ and “albuminoid” am- 
monias on the right, the two sets can be rotated at will until 
the colors on the right hand are matched by those of the standards 
on the left. W. P. Mason. 


RENSSELAER POLYTECHNIC INSTITUTE, 
TRoy, N.«@Y. 


Occurrence of Manganese in a Deposit Found in City Water 
Pipes.—The author recently had occasion to examine a deposit 
that, it was said, would occasionally entirely stop up the service 
pipes in the city of Hutchinson, in the Arkansas valley. The 
water is obtained from points driven from 40 to 60 feet into the 
gravel, and from a well about 25 feet deep. The pipes have been 
laid from ten to fifteen years, and a direct pressure of 45 pounds 
is maintained upon them. It is almost impossible to remove this 
material by flushing out the pipes. 

The deposit. of which several pounds were received, when dry, 
is of an earthy brown color, porous, soft, and friable. It forms 
both in lead and iron pipes, but seems to form more quickly at 
points nearest the pumps. 

The analysis of a sample, dried at 100° C., is as follows: 


Silica... cece eee cee e cece cece cece ccscecees 9.25 
PUBEriC ORIGE o0sc000oSarcces gsiob wate eicisiece.«s: ERO 
AlmiiitNitn (OXIdEs:cs5 6c esecesessecs salves 2:02 
Manganese sesquioxide...--.++ sees eeeeeeee 45.20 
Zinc OXIdE. 0.000 cove oe ce cece cece cesceees 5.94 
Calcium oxide........ soccccccccccccccccss 0.48 
Copper MMS Gon oa keeww wes echentneasesens (Ona 
RRA EREED EEE 5 oie 6: 5 oro ro ows oslo claw cieeercdeee =) Oem 


Water .-ccccccceccccccccccscccescccsseeess 7.59 
Loss on ignition, less water......+..se+ess+++ 13.67 


Total....cccccesccceecesescccess 98.92 


in addition to the above, there was present a small quantity of 
chromium oxide, magnesium oxide, phosphoric anhydride, carbon 


1 Read at the St. Louis meeting of the American Chemical Societ}¥, December 30, 1903. 
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dioxide, sulphuric anhydride, ammonia and organic matter. The 
air-dried specimen contained 29.79 per cent. of water. 

An examination of this analysis suggests immediately the great 
similarity between the composition of this deposit and bog man- 
genese, or “Wad,” which, it is stated, is a mixture of different 
oxides, and not entitled to the dignity of being called a distinct 
mineral. As the specimens reported contain copper, lead, barium 
and cobalt, it is perhaps not strange to find quite an appreciable 
quantity of zinc in this specimen, though the locality is more than 
a hundred miles from any known zinc region. 

The water that is carried in the pipes at the present time con- 
tains only 0.0014 gram of manganese sesquionide per liter. It is 
evident that this artificial “Wad,” as we call it. is made by a 
process of concentration in the pipes, and it suggests the method 
to which we owe the formation of many other minerals in the 
underground channels of the earth. E. H. S. Balney. 


UNIVERSITY OF KANSAS. 
LAWRENCE, Kas. 


NEW BOOKS. 


BIOCHEMICAL RESEARCHES. COLLECTED REPRINTS OF PUBLICATIONS 
FROM THE LABORATORY OF PHYSIOLOGICAL CHEMISTRY OF COLUMBIA 
UNIVERSITY, TOGETHER WITH CONTRIBUTIONS FROM SIMILAR LABORA- 
TORIES IN OTHER INSTITUTIONS. By WILLIAM J. GIs and collabo- 
rators. Volume I. Edited and issued by WILLIAM J. Gres, Columbia 
University. July, 1903. Price, $5.00. 

Bound together in this volume are reprints, forty in number, 
of the published research work done by Professor Gies individually 
and by him in collaboration with his instructors and pupil$, and 
also work done under his supervision. A large part of the work 
was done in the Laboratory of Physiological Chemistry of Co- 
lumbia University at the College of Physicians in New York, 
while the remaining part was done in laboratories at other in- 
stitutions. It comprises a record of work in which Professor Gies 
was either directly or indirectly concerned during the period from 
1896 to 1903, and is splendid evidence of the true research spirit 
and indefatigable industry possessed by him. The generous fair- 
ness displayed by Professor Gies in placing the name of the collab- 
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orator, who has done a large part of the actual work of a research, 
before his own name at the head of a paper is refreshing evidence 
that doing justly by others in such matters is not entirely a lost 
trait among scientific men. 

This volume is to be considered as the first volume of a series 
of biochemical studies to appear at times when the accumulated 
material justifies. The work covers a wide field of biochemical 
research and includes chemical investigations of animal tissues 
and tissue constituents; pathological and toxicological investiga- 
tions; miscellaneous researches on biochemical subjects; and 
chemical investigations in plant physiology. J. M. 


IMMUNE SERA. By PROFESSOR A. WASSERMAN. Translated by CHARLES 
BALDUAN. New York: John Wiley and Sons. 77 pp. Price, $1.00. 

The questions of acquired immunity have attracted more atten- 
tion of the investigators than any other subject in modern medi- 
cine. The laboratory experiments on immunity have been quite 
fruitful in practical results, of which the discovery of diphtheria 
and tetanus antitoxins is sufficient proof. However, there are 
two distinct classes of infectious diseases. To one belong those 
where the morbid process is caused chiefly bv the toxines manu- 
factured by micro-organisms: to the other class, diseases caused 
chiefly by the organism of certain bacteria. 

The diseases of the first order are cured successfully by anti- 
toxins (like diphtheria and tetanus), those of the second group 
by bactericidal sera. The efforts of workers of recent years have 
been directed principally to the study of the properties and of the 
mode of production of sera of the second class. The experiments 
were facilitated to a degree by the discovery that toxic sera can 
be produced, not only to bacteria, but also to cells of higher ani- 
mals. Thus, if an animal A is injected with the red cells of an 
animal B, the serum of the animal A turns toxic to the red cell: 
of the animal B. It was found that a toxic serum owes its activity 
to two substances—one very little resistant to heat, the other more 
so. Progress in the knowledge of the nature of the active sera 
was achieved principally through the efforts of Metchnikoff in 
Paris and Ehrlich in Germany. Wasserman was at one time 
associated with Ehrlich and contributed, himself, very considera- 
bly to our knowledge of immunity. The book of this author that 
has just appeared in a translation by Balduan is devoted to a re- 
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view of the work done on immune sera of the second order. The 
presentation is clear and concise, and can be understood easily by 
one who is not personally engaged in the work. In the points 
where the French and German schools disagree, the author is 
generally inclined to side with Ehrlich. 

The last chapter of the book is devoted to the new biological 
test for proteids the so-called precipitin test. 


The book can be recommended to all desirous of gaining general 
> ab 5 
information on immunity. P. A. LEVENE. 


INDUSTRIAL USES OF WATER. By H. DELA Coux. Translated from the 
French and revised by ARTHUR MORRIS. New York: D. Van Nostrand 
Co. 354 pp. Price, $4.50 net. 

Although this translation is somewhat abridged from the French 
original, which is a book of 496 pages, yet the field covered is a 
very wide one. Dyeing, printing and bleaching, soap-making, 
tanning, paper-making, photography, sugar refining and brewing 
are among the water-using industries discussed, as well as the 
use of water for boilers, laundry purposes and ice-making. 

The chapter on feed-water for boilers is long and well-illus- 
trated. The formation of boiler incrustations, and the sundry 
methods in use for their prevention are fully treated, although we 
find no mention of the employment of sodium fluoride for such 
purpose, a method first suggested by Doremus. 

Boiler corrosion is also dealt with at length and there is given 
a good “Table of the reactions producing acids.” 

The author very properly points out that the hydrochloric acid, 
formed «by the decomposition of magnesium chloride under boiler 
conditions, tends to set up a cyclic reaction. 

To American readers the chapters on purification of water will 
be found disappointing. A number of foreign devices for water 
improvement are illustrated and described, but the results of 
their operations, which would give an idea of their relative merits. 
are not given, nor do we find mention of the excellent processes 
in use in this country. ; 

Part IV devotes forty-four pages to “Residuary Waters and 
Their Purification,’ after which the book closes with a section 
dealing with water analysis. It will be noticed, in this section, 
that the analyst is directed to determine the sodium present in the 
water by making use of a filtrate derived from precipitating the 
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magnesium with an indefinite amount of sodium phosphate, direc- 
tions which are, of course, impossible to follow. 

Sundry other slips have crept into the text; for instance, on 
page 14 “The quantity of chlorine in a liter of sea-water is never 
less than 200 grams.” Doubtless one-tenth of that figure was 
intended. Again, on page 45, “With the waters containing sul- 
phates the scale is more difficult to deal with.” Also on page 136 
“The tanner endeavors to secure a water containing plenty of 
carbonic acid, and he can do this by forming an artificial water- 
fall and thus aerating the stream.” 

The free use of chemical equations throughout the body of the 
text is especially noteworthy. 

The book contains much that will prove of value to those in- 
terested in the subject of “water.” W. P. Mason. 
QUANTITATIVE ANALYSIS FOR MINING ENGINEERS. By EDMUND H. MIL- 

LER, PH.D., Adjunct Professor of Analytical Chemistry and Assaying in 
Columbia University. New York: D. Van Nostrand Co. 137 pp. 
Price, $1.50. 

This excellent little book was written primarily “to furnish the 
engineering students at Columbia University with the directions 
required for their course in quantitative analysis. No attempt is 
made to cover the entire field of inorganic analysis, but a few 
important analyses are given in considerable detail.’ Within 
these self-imposed limits the book is one of the best of its kind. 
The methods given are up-to-date and the most praiseworthy fea- 
ture of the work is the way in which all the most recent literature 
on the methods is not only utilized but is referred to most copi- 
ously, whether it be found in journals, special pamphlets or larger 
works. In fact, it will be found very useful as a condensed 
bibliography of many important common analytical methods. 
This feature must have the effect of impressing on the students 
the necessity of remaining in touch with original sources and 
newer publications. It overcomes, to a certain extent, the chief 
pedagogical criticism which might be made of the method of in- 
struction, viz., that, in the reviewer’s opinion, it would be more 
desirable to develop self-reliance in students after two months 
of analysis by gradually giving them less explicit laboratory di- 
rections and more copious references to the literature of an ana- 
lytical method. 

In two introductory chapters there are brief statements on such 
fundamental theoretical points as ionization, mass action, the 
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solubility product, along the lines laid down in Ostwald’s “Scien- 
tific Foundations of Analytical Chemistry,” and throughout the 
book reference is made to these important principles. The treat- 
ment of this part is, on the whole, clear and satisfactory ; only here 
and there objection might be made to the presentation. Thus, 
on page 10, it is unfortunate that in the calculation illustrating 
mass action, the concentrations in gram-molecules per liter (0.0015 
and 0.0985) were not used so as to bring out the real ionization 
constant of acetic acid. The constant developed is the ionization 
constant times the volume containing a gram-molecule, and as 
no mention is made of this latter factor, the illustration, while cor- 
rect, loses its perspicacity and chief value for the average student 
who studies the definition of concentraticn on the same page. 
Then, on page 11, while it is true that the addition of sodium 
acetate has made the acetic acid weaker than hydrogen sulphide, 
it is absolutely wrong to say that this “is shown by the experiment 
with ferric acetate.” If the precipitation of iron sulphide proved 
that, then the precipitation of copper sulphide from a solution of 
copper chloride would make hydrogen sulphide stronger than 
hydrochloric acid. The correct explanation, of course, is found 
in the section on the solubility product. The conception of methyl 
orange acting as an acid as an indicator, page 12, is no longer 
tenable. It really is a very weak base, being used in the form of 
the sodium salt of the sulphonic acid. The ionization theory of 
the change of color of indicators, which is alone referred to, must 
undoubtedly be modified. The addition of barium chloride, “drop 
by drop,” in the precipitation of barium sulphate is certainly not 
due especially to a fear of cooling the solution (page 17), but 
to the endeavor to obtain a crystalline precipitate of larger grain 
by a slower formation of crystals and one which does not enclose 
more than traces of barium chloride.* 

In spite of these and similar minor faults, the writer takes pleas- 
ure in heartily recommending this excellent book for courses in 
quantitative analysis in technical schools and as a book of refer- 
ence and bibliography for such courses in colleges and universities. 

Jutrus STIEGLITZ. 


CHICAGO, April 2, 1904. 
1 Richards and Parker : Zischr. anorg. Chem., 8, 413 (1895). 
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THE ANALYTICAI, CHEMISTRY OF URANIUM. By HARRY BREARLEY. 
New York : Longmans, Green & Co. 1903. 45 pp. Price, 2s. net. 
The book deals with the methods of determining uranium, 
the separation of uranium from the various elements that 
are commonly associated with it, and the analysis of uranium 
ores and alloys, the two ores considered being pitchblende and 
carnotite. While the treatment of the various topics is quite 
brief, the work nevertheless contains considerable interesting in- 
formation, and its appearance is quite timely because of the 
present activity in the examination of uranium ores as to their 
radioactive properties and the separation from these ores of ura- 
nium and other radioactive substances. L. F. HAWLEY. 














